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ABSTRACT
This work includes: 1) a search for charge transfer interaction involving 
hexamethyldipyrromethene (HL) as a donor; 2) a spectroscopic study of hexameth­
yldipyrromethene anion ( L ), and, 3) an investigation of the spectroscopic characteristic 
of the copper chelate CuL2.
There are presented reactions in which HL may react with some electron 
acceptors. It is reported that TCNE interacts with HL to form a 1:1 complex that has an 
equilibrium constant of (2.5 0 .9)xl05. Spectroscopic results indicate that haloacetones 
also interact with HL.
Hexamethyldipyrromethene is a molecule that consists of two methyl substi­
tuted pyrrol rings joined by means of a vinyl bridge. Its anion has been obtained by means 
of different reagents in various solvents and has been studied by using several 
instrumental techniques. Spectroscopic features such as visible absorption band maxima 
and 1H NMR chemical shifts depend on the counter ion (an alkali metal ion, Y+). A study 
of the novel Y+L' species allows a characterization of the L' moiety free from interligand 
perturbation or other orbitals that are present in the transition metal complexes (ML2). 
In this study; characterization of the Y+L' species by means of visible absorption, FT- 
IR, luminescence, and high resolution NMR techniques is presented. It is concluded that 
the Y+L' species constitute bridged complexes. In particular, a 7Li NMR downfield 
chemical shift of 1.66 ppm showed that the cation in L i+L ' is indeed coordinated 
to the nitrogens. An equilibrium between two Y+L " species has been clearly 
demonstrated by means of NMR and visible absorption.
xxi
An spectroscopic study of the CuL2 complex is also included. This species may 
display a unique visible absorption band or two bands; the absorption depends on the 
method of synthesis. Qualitative experiments which seem to indicate that both spectra 
arise from a single molecule in two different geometries are presented.
1. INTRODUCTION
1.1. Overview
This investigation involves three aspects of the chemistry of hexamethyl- 
dipyrromethene (structure (1), below):
A. The search for charge transfer interactions with suitable electron acceptors.
B. The preparation, characterization and spectroscopy ofhexamethyldipyrro- 
methene alkali salts.
C. The understanding of the spectroscopy of chelates such as the copper
complex.
CH3
h 3c  c h 3
Hexamethyldipyrromethene is a molecule formed by two pyrrole rings joined 
by a methylene bridge (1). The correct name of this compound is 3, 4, 5-trimethyl-2- 
[(3', 4 \  5" -trimethyl-2'H-pyrrol-2v -ylidenemethyl] -1 H-pyrrol, however from this point 
it will be called HL or hexamethyldipyrromethene; there is confusion in the literature 
about the proper name for the -CH- group between the two pyrrole rings; it has been called 
methine by some and methene by others. After consultation the H of this group will in this 
work be called the vinyl hydrogen or vinyl-H.1
1
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Because of the electron donating power of the methyl groups this species is 
an electron rich system. Metal ions can be bound to the nitrogens to form bridged com­
plexes. Suppose that an alkali ion is chosen as a partner to interact with the deprotonated 
form of HL, what type of cation-anion ion pair will result? Would it be possible for the 
metal to be symmetrically bound to the nitrogens to form a o-type contact ion pair ?. 
How would the stability of this hyphothetical chelate depend on the size of the monovalent 
counterion? on the solvent?.... An extensive literature search shows that although 
there are many reports concerning interactions between carbanions and aza-aromatic 
compounds with alkali cations, no research group has ever studied the possibility of 
formation of a bridged contact ion pair with a type of molecule such as HL.
Originally, the investigations were directed at a search for charge transfer (CT) 
interactions involving ML2 complexes and acceptors such as tetracyanoethylene.2 
However, since the interpretation of these results required the study of the CT properties 
of the free base itself, a similar study was carried out with HL. A strong interaction 
between HL and tetracyanoethylene (TCNE), which led to the formation of a 1:1 complex, 
was found.2 The reactions between HL and hexachloroacetone (HCA) and between HL 
and hexafluoroacetone are reported; in these cases a product was precipitated when the 
reaction was carried out in a hydrocarbon.
The preparation and spectroscopic characterization of deprotonated L' species 
is interesting because:
i) The ligand in the ML  ̂complexes resembles the anion, so that some of the 
spectral features that these species show must also be present in those of the Y+L' species. 
For example, the effect that the presence of two dipyrromethene units has on the spec-
troscopy of the ML2 species should be obtained by studying the univalent chelates 
(salts?).
ii)The protonated and deprotonated forms of HL are isoelectronic systems in 
which there is considerable electron delocalization. The presence of electron donating 
groups makes the anion relatively unstable and prone to reprotonation, consequently 
it was concluded that the counter ion must be intimately associated with the molecule 
in order to help to stabilize the charge.
iii) Since in a CT reaction there is a possibility of formation of charged species, it 
will be important for the characterization of this type of interaction to study the 
spectroscopy of those hexamethyldipyrromethene derivatives for which any degree of 
electron delocalization might be demonstrated.
1.2. Method of Presentation
This work has been divided into six sections, namely: introduction, experi­
mental, results and discussion, summary and conclusions, references, and appendices. 
The introduction contains a general view of the current investigation, its relevance, the 
kind of research that had been done previously, and the research that needs to be done with 
dipyrromethene molecules.
The experimental section contains a section on instrumentation, details about 
preparation of the solutions for specific measurements, and statistical details of the 
procedure for obtaining the charge transfer parameters. In the third section the results of 
three interrelated studied are presented and discussed: Section 3.1 describes the search for
4
CT complexes; Section 3.2. considers the spectroscopy of hexamethyldipyrromethene- 
anion, and Section 3.3. reports the spectroscopy of the hexamethyldipyrromethene 
copper(II) complex. Each one of those sections contains a brief introduction that 
includes references. In addition, some sub-sections contain introductory information 
that would help the reader to follow the discussion; for example, Section 3.2.3.7. gives 
some generalities about the NOE (Nuclear Overhauser Enhancement) effect .This 
method of presentation was considered to be convenient for the reader to obtain more 
specific details that a general introduction could not cover.
The presentation of the experimental results is followed by a discussion. An 
effort was made to support the discussion by considering published results that relate 
directly or indirectly to the molecular systems that were investigated in this work. The 
method of presenting results, discussion, and literature data all at once has been found to 
be convenient because: a) the reader can have all the information at once without having 
to go back several pages in order to observe a spectrum, b) literature results related 
directly or indirectly to the subject treated will be accessible. The presentation will make 
it possible to distinguish results of this work from results that were previously published.
Visible absorption data with respect to hexamethyldipyrromethene anion 
derivatives have been included in order to show the position of the band maxima and 
the spectral shape. No attempt to calculate molar absorptivities of these molecules in 
solvents other than DMF and DMSO was done; the instability of the Y+L' species in low 
polarity solvents made it impossible to characterize these species by the intensity of their 
absorption. Visible absorption spectra are shown as plots of relative absorption intensity 
versus wavelength in nanometers; but in the case of fluorescence emission, the intensity 
has been plotted against wavenumbers. All spectra were recorded at room temperature.
5
In Section 4 the results are summarized and, more importantly, the informa­
tion obtained by means of the different techniques is analyzed. The agreement between 
the results obtained by using these different techniques is tested and discussed; this 
agreement is essential because it will support the validity of the partial discussions. 
Questions such as "Do the NMR results for the Y +L' species correlate with the n C NMR 
results and with those o f the visible absorption spectra? " are treated in this section. 
Future research that would help attain more conclusive interpretations is proposed.
Section 5 gives the source of all the bibliographic information cited in this 
work. Since the three major sections that comprise this work are interdependent, all the 
references were included in Section 5. Statistical details about the reaction between TCNE 
and HL and the expressions used to determine some equilibrium constants are given in 
Section 6 .
Within the text, many chemical reaction and structural formulas are 
presented. It is hoped that these insertions will help the reader. While the formulas were 
labeled with numbers in bold type (i.e. (1)), the reactions were presented as schemes.. The 
structural formulas have been indexed so that that aid will be readily accessible.
1.3. Spectral and Structural Features of the Species Investigated
Figure 1 shows the visible absorption spectra of hexamethyldipyrromethene 
free base (HL), its protonated form (H,L+), and two forms of the copper complex 
(CuL2). Figure 2 shows schematic structures for the species MLj, HL, H2L+, and the 
deprotonated ligand (L ). The CuL2 solution that was used to obtain the visible absorption 

















FIGURE 1. Visible absorption spectrum of (- -) HL; (••••)






FIGURE 2. A: metal complexes ML2;M  represents a divalent transition metal ion. B: the neutral ligand HL. C: the 
protonated ligand H ^ X '; the anion is either a halide ion or CF3 CCT2. D: the deprotonated ligand Y+L' ; the cation Y+ 
represents an alkali metal ion
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was synthezised by means of standard techniques. The copper species that displays a 
single absorption band could be obtained only in solution; no reference to this particular 
CuL2 form has been found in the literature. The absorption band of the free base is char­
acterized by a broad, structureless band centered around 450 nm. The absorption band 
of the H2L+ species is sharp, intense, and red shifted with respect to the free base 
absorption. The shape and position of the visible absorptions of the ML2 complexes are 
similar to those of the protonated ligand. The effect that metal coordination has on the 
visible absorption spectrum of HL is similar to the effect of addition of a proton. 
Coordination of a metal ion decreases the electronic density on the nitrogens and 
increases the charge redistribution within the molecule. The shift of the intraligand 
electronic transition to lower energies must be proportional to the degree of charge 
redistribution within the pyrrole rings. Since changes in the electron distribution can 
lead to varying degrees of charge delocalization, a study of possible electron donor- 
acceptor interactions involving HL and some electron acceptors could provide 
interesting information.
1.4. Literature Review
1 .4 .1 . Relevance of the Spectroscopy of ML2 Complexes
Charge transfer reactions that can be used in solar energy conversion and 
storage were the impetus for beginning this research with dipyrromethenes that are 
essentially half of a porphyrin molecule; metalloporphyrins participate in many interes­
ting chemical and biochemical reactions including photosynthesis and solar energy 
storage. Although it has been shown that these molecules are capable of catalyzing a 
water splitting reaction initiated by sunlight, the efficiency of the solar energy absorption 
is low. Metalloporphyrins absorb in the 400-300 nm wavelength region while the solar
emission maximum is located at 505 nm .3
Dipyrromethene derivatives are specially interesting because they can form 
stable chelates with many metal ions. 4 These chelates (ML2 ) are characterized by 
an intense (£~ 150,000), narrow absorption band in the 505 nm wavelength region. 
These features enable the dipyrromethene complexes to absorb sunlight efficiently 
and consequently the dipyrromethenes were considered to be good possibilities for 
catalyzing the water splitting reaction.
Metallodipyrromethene complexes contain two half molecules of porphyrin 
which are not joined. Depending on the size of the metal ion, these complexes may 
adopt various geometries.4 The hexamethyldipyrromethene complexes of some M+2 
first row transition metal ion are unlikely to be planar because of the repulsion between 
the 5 and 5' methyl groups. This feature, which is absent in metalloporphyrins, allows 
one to study the effect of substantial changes in geometry on the charge transfer 
capability,4 whereas the porphyrin part of metalloporphyrins is constrained to a 
nearly planar geometry.
The role of macrocyclic pyrrole pigments in biological systems and 
specifically in biochemical catalysis has been studied.5 The interest in the spectroscopy 
of dipyrromethene derivatives comes from their occurrence in nature as linear tetra- 
pyrrole pigments such as biliverdin (BV) and bilirubin (BR) . 6 Both BV and BR 
consist of two dipyrromethene molecules linked together by a vinyl and a methylene 
bridge respectively. Moreover, dipyrromethenes are related to porphyrins such as hemo­
globin and chlorophyll which occur naturally and constitute part of the natural energy 
storing processes.
1 .4 .2 . Structural and Spectral Details of Some ML2 Complexes
Attempts to rationalize the visible absorption spectra of the ML2 complexes 
have been published.7 These studies indicate that the spectral band shape of dipyrrome­
thene derivatives that have different substituents in the 5,5' positions depend on the 
dihedral angle between the ligands. For example, the spectrum of the ZnL2 species, 
which shows a single absorption band around 505 nm, has been approximately 
reproduced by means of 7t -electron type calculations (PPP-SCF-LCAO-MO-CI) in 
which a dihedral angle of 90° (i.e. a tetrahedral geometry) between the ligands was 
assumed.7 Some ESR studies carried out on some copper (II) complexes have been 
published; according to these studies the spectral features of these complexes appear to 
depend on the dihedral angle between the ligands.7 Crystal structure data are available 
for diethyl 3,3’, 5,5’-tetramethyldipyrromethene-4,4’-dicarboxylate) copper (II) 8 and 
hexamethyldipyrroethene copper (II) complexes.9 In both cases the geometry corre­
sponds to that of a distorted tetrahedron in which there are interligand dihedral angles of 
6 8 ° and 78.7° respectively. In a planar structure the repulsion between the 5,5' methyl 
groups would distort each ligand from planarity and weaken the Cu-N bonds (see 
Figure 2).
1 .4 .3 . Structural and Spectral Features of Hexamethyldipyrromethene
The spectral features of the ML2 complexes can also be studied by considering 
the spectroscopy of the free base and its protonated (or deprotonated) form. Since the 
absorption band in the complexes corresponds to a ligand localized *it 4 -  it elec­
tronic transition, minor changes in electron delocalization within the pyrrole rings will 
alter the position of the absorption maxima. These changes in electron delocalization may 
be caused by the different electron affinities of the coordinated metal ions.
Falk et al have carried out n -electron type calculations (PPP) on the effect 
that torsion around the vinyl bridge may have on the *tc <— k transition of the free 
base and its protonated form; their results predict a blue shift and a decrease in intensity 
of this absorption band in dipyrromethene free base upon twisting the vinyl bridge. 10 
Twisting around the vinyl bridge would distort the intramolecular hydrogen bond present 
in the free base and would increase the ground state energy.10 Moreover, a shift towards 
higher energies was predicted for the band maximum of this transition upon torsion 
around the vinyl bridge in the protonated species.
Scheme 1
Z-syn Z-anti
Calculations and experimental studies of the conformation of some unsubsti­
tuted dipyrromethenes (Scheme 1, CH, = H) and some derivatives have shown that the 
Z-syn11 form is the most stable. 11,12,13 The stabilizing effect of the hydrogen bond 
between the imino hydrogen and thepyrrolyl nitrogen favors the planar conformation.
Additional evidence showing that the Z-syn form is the most stable 
confoimer comes from the observation of a very weak fluorescence in derivatives such 
as tetramethyldipyrromethene. The low intensity of this emission emission has been
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explained to be due to the destabilizing influence of the imino proton's exchange between 
the nitrogens. 15 This proton exchange causes drastic changes in bond distances upon 
electronic excitation. Consequently, vibrational internal conversion will constitute an 
efficient path for radiationless decay from the first singlet excited state in dipyrro­
methene derivatives. Furthermore, it has been shown that proton motion contributes to 
the deactivation of the Sj state even at liquid helium temperatures. 16
Intense fluorescence emission has been observed from dipyrromethene de­
rivatives that cannot have a intramolecular hydrogen bond. While dramatic geometrical 
changes occur in the free base dipyrromethene during the *n <— n excitation, relati­
vely minor geometrical changes take place in the protonated species during this 
transition. For example, the 77 K fluorescence quantum yields of the free base 4,4'- 
diethyl-3,3' ,5,5' -tetramethyldypirromethene and its hydrobromide are 0.0051 and 
0.088 respectively. 10 On the other hand, the 77 K fluorescence quantum yields of 
biliverdin dimethyl ester and its hydrochloride are 0.00050 and 0.026 respectively. 10 The 
strong increase in the emission intensity of these compounds because of protonation 
supports the conclusion that intramolecular proton transfer constitutes the most 
important channel of vibrational relaxation in dipyrromethenes.6 The motion of the 
imino proton in the free base causes the charge and the bond length redistribution that 
causes the strong vibronic coupling necessary for an efficient non-radiative relaxation. 10
The visible absorption maximum of the L:BF2 adduct* has been reported to 
be located at 505 nm.16The difference between the absorption and emission band maxima 
is ~8 nm at room temperature. These features indicate little difference between ground 
and excited state geometries. This rigid, nearly planar, species fluoresces strongly even 
at room temperature (O^ = 0.82) . H 16 
t  In this adduct L denotes 3,3'-5,5' tetramethyldipyrromethene.
The effect that the substituents have on the strength of the hydrogen bond is 
well known17-18. For example, the presence of bulky substituents in the 5,5' positions and 
the presence of electron donating substituents weakens the hydrogen bond and 
strengthens the NH bond and shifts the N-H stretching frequency to higher energies. Both 
the loss of coplanarity between the pyrrole rings and the increase in the basicity of the 
imino nitrogen (N-H) reduce the N-H bond length. Conformational analysis by means of 
the lanthanide induced shift technique has shown that while free base dipyrromethene 
derivatives are slightly twisted, their protonated forms and chelates with BF3 are nearly 
planar. 13
1.4. Purpose of this Work and Experimental Approach
The first aim of this research was the study of the spectroscopy of hexamethyl­
dipyrromethene anion derivatives. Characterization by the absorption of these species in 
various solvents as well as by their emission properties and quantum yields is presented. 
Both ‘H and 13C NMR spectroscopy and FT-IR spectroscopy have also been used.
These techniques can be used to account for the effect that the counter ion has 
on their spectroscopy. There will be an attempt to determine if there is intimate 
association between the anion and the counter ion that can be verified experimentally.
2. EXPERIMENTAL
2.1. Purification of Solvents
Dimethylsulfoxide (DMSO) and N, N  -dimethylformamide (DMF) (Mallin- 
ckrodt HPLC and Fischer spectroscopic grade, respectively) were dried for several days 
over activated 4A molecular sieves; afterwards these solvents were vacuum distilled, and 
stored over activated 4A molecular sieves. Anhydrous ethyl ether, Baker Analyzed 
Reagent Grade, was used without further purification. Dichloromethane (DCM) and 
carbon tetrachloride were exhaustively purified by means of common procedures. 19 The 
chloroform that was used to obtain HL from its hydrobromide, was a Mallinckrodt HPLC 
product which was not purified. Acetonitrile (AcN), tetrahydrofuran ( THF), n -hexane, 
and n -pentane (Mallinkrodt, HPLC) were dried over molecular sieves and were distilled 
from the liquid which was in contact with CaH 2. Tertiary-amyl alcohol (t -AmOH) and 
tertiary-butyl alcohol (t -BuOH), both Aldrich products, were also distilled from liquids 
in contact with CaHr  Carbon disulphide (Mallinkrodt, reagent grade) was distilled under 
dim light from the liquid in contact with CaH^.
The absorption of the purified solvents was determined and found to be 
negligible (less than 0.01) in the near-UV and visible in the case of alcohols, ether, THF, 
acetonitrile, hydrocarbons, and carbon tetrachloride. However, the use of CS2 and DMSO 
as solvents for near-UV absorption studied was avoided because these solvents showed 
excessive absorption below 300 nm.
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2.2 . Reagents
Sodium methoxide and potassium methoxide were Aldrich products (98%). 
Oil suspensions of NaH and KH were Aldrich products (80% and 50% respectively); the 
oil was removed by washing the solids with portions of n -pentane under a flow of 
dry argon; then the solids were dried under vacuum. LiH was an Aldrich product (80%) 
that was used directly. Copper acetate, CuAc2 HzO (Baker Analyzed Reagent, 99%), was 
used without further purification. Lithium chloride (Fischer 99.9%) was recrystallized 
from boiling water (bidistilled) and dried at 120 °C;portions of the salt were stored in a 
dessicator under dry argon until they were used. Trifluoroacetic acid (Aldrich) was 
distilled before use.
2.3 . Synthesis and Purification of Compounds
2 .3 .1 . Synthesis of Hexamethyldipyrromethene (HL), the Copper Complex, 
and Hexamethyldipyrromethene Hydrochloride
The HL species and its CuL2 complex were prepared and purified by means 
of standard procedures described in the literature. 20 No special care was taken to store the 
complex, but the ligand was kept in a dessicator over potassium hydroxide pellets.The 
hydrochloride (H2L+C1) precipitated immediately after HC1 gas was bubbled into a 
saturated HL/n -pentane solution. The solid was washed with n -pentane and dried under 
vacuum.
2 .3 .2 . Purification of Tetracyanoethylene
Aldrich TCNE was recrystallized twice from chlorobenzene, washed with dry
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pentane and dried under vacuum. It was then sublimed in vacuo as many times as were 
necessary to obtain a white crystalline solid. The product, handled always under a blanket 
of dry argon, was stored in a dessicator over potassium hydroxide pellets under an argon 
atmosphere.
2 .3 .3 . Purification of Haloacetones
Hexachloroacetone-HCA- (Aldrich 98%) was vacuum distilled repeatedly 
and used. A saturated solution of hexafluoroacetone -HFA- inn -pentane was obtained 
by washing its hexahydrate with the hydrocarbon; this hydrocarbon solution was used 
to obtain the product of the reaction between HFA and HL.
2.4. Preparation of the Solutions
2 .4 .1 . Solutions of HL and CuL2
Concentrated [ (2-8)xl04 M] solutions of the free base and its copper che­
late were prepared by weighing a crystalline sample with an electronic balance 
(Mettler AE 163, which has a readability of 0.01 mg in the weighing range that was 
appropriate for this work: (0 -30 gm). Stock solutions were prepared by transferring the 
crystalline sample directly into tared volumetric flasks, weighing again, and filling to 
the mark with solvent. Stoppered volumetric 10 ml and 5 ml flasks were used to prepare 
stock solutions while dilutions were made by using either 10, 25, or 50 ml stoppered 
volumetric flasks. Volumetric pipettes were used to measure the exact volumes needed 
to prepare the dilute solutions necessary for absorption and luminescence measure­
ments.
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2 .4 .2 . Dimethylsulfoxide Solutions of Sodium Methoxide
An excess quantity of solid sodium methoxide was transferred to a 100 ml 
volumetric flask under a blanket of argon. The flask was filled with DMSO and the 
suspension was allowed to settle. A period of about 2 hours was allowed for the methoxide 
to reach saturation levels, and the supernatant solution was used for preparation of the 
Na+L' species.
The following procedure was used to calculate the concentration of
methoxide present in a saturated CH3OMe/DMSO solution: Six different amounts (in the 
range 2 to 5 ml) of the solution were placed in (previously weighed) weighing flasks. A 
half milliliter of distilled water was added to each solution; then, the solutions were slowly 
evaporated, dried under high vacuum, and quickly weighed. The solid was considered to 
be NaOH formed according to the reaction:
from which it was calculated that the concentration of methoxide originally present was 
in the range: 0.032-0.035 M.
2 .4 .3 . Solutions of Alkali Salts of Hexamethyldipyrromethene
The solutions used to obtain the equilibrium constant of deprotonation of HL 
by methoxide ion were prepared by means of the following procedure. A constant 
amount of an HL/DMSO solution was added to several 10 ml stoppered volumetric flasks 
(to yield absorbance values for the free base in the range 0.2-0.3 upon diluting the
Scheme 2
CH3OH + NaOH heat (or vacuum) CH3OH J  + NaOH(„
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solution to the volumetric capacity). Increasing amounts of a saturated CH^ONa/DMSO 
solution were added to the different flasks and each was filled to its volumetric capacity 
with solvent. Details with respect to the preparation of Y+L‘ solutions for specific 
spectroscopic purposes will be discussed in the following sections.
All the glassware that was used to prepare solutions of hexamethyldipyrrome­
thene anion, including absorption cells, NMR tubes, and disposable pipettes, was 
cleaned throughly, dried at 120 °C, and transferred to a dessicator. The solvents were 
manipulated under argon.
2.5. Spectroscopic Measurements
2 .5 .1 . UV-Visible Absorption Spectroscopy
A Cary model 14 spectrophotometer was used for absorption measurements. 
In general, 1 cm Beckmann silica rectangular cells, and 1 cm Sargent-Welch silica 
rectangular cells were used. Also, 0.1 cm, 5 cm, and 10 cm cylindrical cells were used in 
cases in which the study of concentration effects was important.
When alkali hydrides, methoxides, or acids were required to prepare Y+L_ or 
H2L+X' species, the effect of these reagents on the spectral base line was compensated by 
adding an equivalent amount of the appropriate reagent to the solvent present in the 
reference cell.
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2 .5 .2 . Luminescence
Fluorescence emission spectra of the alkali salts were obtained by means of an 
SLM PR8002 spectrum processor. Data manipulation and storage are carried out by an 
Apple II+ computer. The fluorimeter excites the samples by means of an LH-450 xenon 
arc lamp that uses a xenon arc power supply. The solvent, DMSO, was degassed by 
bubbling argon through the liquid. Alkali hydrides were used to obtain the Y + L' species, 
and both the solutions and the reference solvent were filtered twice (under a flow of argon) 
to obtain optically clear systems. The concentrations of the alkali salts were adjusted 
to obtain ~0.1 absorbances when 1.0 cm absorption cuvettes were used.The spectra 
were corrected by subtracting any solvent emission.Quantum yields (d>) were obtained 
by using the emission intensity of a 1.8x 10'6M solution of quinine sulphate as the 
reference. 21 A 0.IN HjSC^ aqueous solution was the solvent for the solution of the 
emission standard. A value of 0.55 was used as the quantum yield of quinine sulphate.22
The fluorescence emission maxima of representative Y+L" species and of 
were verified recording their spectra by means of a Coherent Innova 100 Scanning Laser 
Raman Spectrophotometer, Model Mole/U-1000 Computerized Macro Raman Laser 
System. The emission resolution was ~ 1cm1. The emissions of the samples were excited 
with the 480 nm argon-ion line and the laser power at the sample was 0.08 W.
2 .5 .3 . Nuclear Magnetic Resonance Spectroscopy
’H, 13C, and 7Li NMR spectra as well as Nuclear Overhausser Effect (NOE) 
studies were obtained by means of a AC/WP 200 MHz Brucker spectrometer. Deuterated 
DMSO (Aldrich 99.9 % D) was used for !H and NOE spectroscopy. Both regular and
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deuterated DMSO were used to obtain the 13C spectra. Preparation of D-DMSO solutions 
of Y+L' salts appropriate for NMR mea surements was accomplished by reacting dry 
alkali hydrides with HL dissolved in D-DMSO.
A Li+L' solution was obtained by adding KH (or NaH) to a one milliliter HL/ 
DMSO solution that was previously saturated with LiCl; the alkali halide has to be present 
in excess in order to guarantee that complete cation exchange took place.The solution 
needs to be microfiltered under a flow of dry argon before an NMR measurement is 
made. TMS and the non-deuterated percentage of the solvent itself were used as internal 
standards. The preparation and manipulation of the solutions were carried out under 
argon. A procedure similar to that used to obtain 1H NMR spectra was used for 13C NMR 
determinations, but in this case, to enhance the sensitivity of detection, the solutions 
were degassed by bubbling argon through them. The solvent was used as the internal 
standard.
Solutions of alkali salts of hexamethyldipyrromethene appropriate for quan­
titative NOE studies were obtained by means of the following procedure. A glass spatula 
was used to transfer the sample to the volumetric flasks.21 A nearly saturated solution of 
HL in 5 ml of D-DMSO solution was degassed. Samples from this stock solution were 
transferred to fill one milliliter stoppered volumetric flasks that contained a particular 
alkali hydride.The reaction was allowed to continue for 2 to 3 minutes and then 
microfiltered (under argon) directly into the NMR tube. A minimal amount of TMS was 
added as internal standard.
Since small traces of paramagnetic species can affect NOE measurements 
special care was taken with sample manipulations. The most common sources of 
systematic errors are impurities such as transition metal ions; for example, these ions
could be introduced to the solution from contact of the sample (or the solution) with a 
nickel spatula.23* Dissolved oxygen can obviously affect the results so that it needs to be 
removed from the solution.24*
For 13C NMR studies, the stability of each Y+L' species was tested spectro­
scopically for a period of - 1 0  hours and was found to be satisfactory; concentrated 
solutions were required for the 13C NMR studies. The visible absorption maxima of the 
concentrated Y+L'/DMSO solutions were obtained by measuring the absorption of the 
solution in a 0.01 cm cell. Degassing the solutions made it possible to obtain the 13C 
resonances and to reduce the 13C NMR spectral acquisition times.
Preparation of a Li+L‘ solution appropriate for 7Li NMR determinations was 
carried out by adding an excess of LiH to a saturated HL/D-DMSO solution at room 
temperature. Lithium hydride apparently does not react with DMSO unless the tempera­
ture of the solvent is increased; however, deprotonation of HL by LiH can occur at room 
temperature. The 7Li NMR spectrum of Li+[CH2SOCH3]‘ was obtained after the hydride 
was allowed to react with the solvent at ~80-100 °C. A 0.40 M aqueous solution of LiCl 
was used as an external standard to obtain the NMR shifts of the7Li resonance in the 
spectrum of the lithium salt of the solvent and in the spectrum of Li+L \
2 .5 .4 . Infrared Spectroscopy
The IR spectra of DMSO solutions of the ligand and of its alkali salts were 
obtained with a Nicolet 205X FT-IR spectrophotometer. The absorption of the solvent 
was subtracted by the computer. For example, to obtain the spectrum of the Li+L' ion pair, 
two anhydrous solutions were prepared; one of them -the solvent- was a saturated
LiCl/DMSO solution that was allowed to react for ~2 minutes with an alkali hydride; the 
second solution contained an excess of LiCl and had been saturated with the ligand 
before addition of the hydride. Both solutions were filtered under argon. To verify that 
the desired species had been obtained, the visible absorption maxima of the solutions 
used for IR measurements were determined by measuring the absorption of the solutions 
in a 0 . 0 1  cm absorption cell.
The FT-IR spectra of HjL/Cl" and those of the reaction product between HL 
and hexafluoroacetone and between HL and hexachloroacetone were obtained from solid 
state samples (KBr disk).
2.6. Determinate Errors
For the determination of the experimental errors for qualitative comparisons, 
the precision of the various pipettes used was first estimated. Two milliliters of dichlo- 
romethane were weighed in a carefully previously tared 5 ml glass-stoppered volumetric 
flask. The number of drops of this solvent contained in the 2 ml pipettes used was also 
determined; after several measurements a value of 134 1 drops was obtained. This 
procedure was repeated for the standard 1.0 and 0.5 ml pipettes in this work; it was found 
that 1.0 ml of dichloromethane contains (averaging a few determinations) 76 drops, while 
0.5 ml of this solvent contains 37 drops. Specific gravity values obtained experimen­
tally with the2.0,1.0, and 0.5 ml pipettes were found to be in the range 1.312 -1.316 at 
20 °C (according to the specification on the container's label the specific gravity of the 
solvent was 1.319 at 25 °C; it was concluded that even though the solvent was weighed 
as quickly as possible, the error because of solvent evaporation was more important 
than the temperature difference).
From experience, it has been found that a maximum error of 2 drops in the 
quantity delivered exists when a 2 . 0  ml volumetric pipette is carefully filled to the mark 
with solvent; which gives a reproducibility of 0.03 ml. Moreover, if there is an error of 
1 drop when 1.0 and 0.5 ml pipettes are used, the maximum error that can be accounted 
for is about 0.013 ml. These errors were taken into account for the quantities that char­
acterized the charge transfer complex between HL and TCNE. To obtain these quantities 
(for example, the equilibrium constant and the molar absorptivities) 2 . 0  ml of a stock 
HL/dichloromethane solution were diluted to 10 ml by means of solvent and the 
necessary reagents; since a pipette was used to reach the mark, there is a 0.03 ml 
precision in filling the volumetric flasks; however, the volumetric 1 0  ml flasks were not 
calibrated. The absorbance error was ±0.01.
To compare molar absorptivities, the errors in the concentration of the various 
HL solutions were also taken into account. The uncertainties obtained in the molar 
absorptivities were in the range 5% to 8 %, and the error reported is the maximum error.
3. RESULTS AND DISCUSSION
3.1. Interaction Between HL and Electron Acceptors
3 .1 .1 . Introduction
Charge transfer (CT) complexes are electron-donor/electron-acceptor aggre­
gates for which an intermolecular electronic CT transition is usually observed. This kind 
of complex is routinely studied by means of absorption spectroscopy. It is usually found 
that when a good electron donor (low ionization potential) and a good electron acceptor 
(high electron affinity) are mixed together their interaction usually can be detected spec­
troscopically by the presence of a new band which is absent in the absorption spectrum 
of each partner separately.
Donor-acceptor interactions are characterized by the determination of the 
parameters related to the formation of the complexes; these parameters are: a) the molar 
absorptivity, b) the stoichiometric composition, and c) the equilibrium constant for the 
CT association. Sometimes a new absorption band cannot be detected, and the formation 
of a CT complex needs to be deduced from the decrease in intensity of the absorption band 
of the donor or of the acceptor.25
Electron donor-acceptor interactions have been the subject of many investiga­
tions during the last four decades. The topic has been reviewed experimentally and theo­
retically a few times.26 Those interactions that involve nitrogen bases as electron donors 
are important in biology.27The use of TCNE as an electron acceptor is well documented, 
but few reports have been published about the donor-acceptor interactions that involve
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perhaloacetones. 28 It was considered that the alkyl derivatives of dipyiromethenes may 
act as electron donors that have varying affinity for those acceptors.
In this section, results of the search for CT interaction between hexamethyl- 
dipyrromethene and acceptors such as TCNE and perhaloacetones are presented.
3 .1 .2 . Tetracyanoethylene
The interaction between HL and tetracyanoethylene in dichloromethane has 
been studied spectrophotometrically.2 The spectrum of a 1:1 molar mixture of donor and 
acceptor showed that the aborption of a new species occurs in the UV region at about 
300 nm. Figure 3 shows the changes in the ultraviolet absorption of TCNE that results 
when increasing amounts of an HL/CH2C12 solution are added to solutions in which 
the final concentration of TCNE is constant. The species responsible for the 300 nm 
absorption band was interpreted to be a charge transfer complex between HL and TCNE. 
A well defined isosbestic point at 280 nm indicates a 1:1 molar relationship between the 
species betweeen TCNE and the species responsible for the 300 nm absorption. The 
spectral changes in the visible spectral region indicated the formation of a species that has 
charge delocalization; i.e. the shape of the spectrum is similar to that of the deprotonated 
form. The continuous variation method (Job method29) was used to analyze this reaction 
and a 1:1 equilibrium reaction was clearly demonstrated (K = (2.5 0 .9)xl05), (see 
Figure 4).
If it is supposed that the product of this reaction were the H 2L+ species, it would 
seems very unlikely that a partial decomposition of TCNE would have produced 

















FIGURE 3.. Spectral changes in a 4.65xlO'5M solution of TCNE
after adding increasing amounts of HL. The molar concentrations 
(xlO5 ) of HL are 1. 0.0; 2. 1.16; 3. 2.32; 4. 3.49; 5. 4.65. Spectrum 6  
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FIGURE 4. Variation of the absorbance of the species HL-TCNE as a function of 
the mole fraction fraction of TCNE. The total concentration ([HL] + [TCNE]) 
was (2.30 ± 0.07) xlO"5 M for each point in the above Job plot Details of the 
calculations of these absorbances and error analysis are given in the Appendices.
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TCNE is not properly sublimed or stored it may decompose to liberate HCN; the 
dissociation constant of this acid in water is ~ 1 0 10 and in dichloromethane must be 
smaller. This small acid strength of HCN and the weak acid base interaction between HCN 
and TCNE makes a 1:1 molar TCNE-HL interaction to produce H2L+ unreasonable.
A product of this reaction showed a strong, sharp absorption band around 
486 nm and a shift of the NMR resonances to lower field (with respect to those of HL) 
. The ultraviolet-visible changes produced as a consequence of this reaction were 
explained to be the result of deprotonation of HL by TCNE.2 It was shown that there 
is a particular reaction in which TCNE gets so close to HL that the proton is totally 
removed from the nitrogens and exists in close contact with the ethylenic double bond of 
the former species. Since the lowest electron acceptor orbital of TCNE can be repre­
sented as: 30
the following reaction can be postulated: 
Scheme 3
CH3CN
c h 3 c h 3
c h 3 c h 3
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Scheme 3 summarizes the possibility that the proton could be interacting with 
the negative lobe of the lowest acceptor orbital of TCNE; according to (2) one of the 
carbons of the ethylene moiety seems to be the center of this lobe. The electron deficient 
lobe of this TCNE orbital would interact with the L  species. Since it has been found that 
L' absorbs strongly around 480 nm, its band would still be visible in the spectrum of the 
HL/TCNE system. The near UV band located at 300 nm (Figure 3) must be that of the 
TCNE/HL interacting pair.
As it can be observed from Figure 3, the high intensity peak of the UV 
absorption of TCNE is located around 265 nm, while a narrow low intensity peak is 
observed around 277 nm. The effect of acid on the species that produced the ~300 nm 
absorption band was studied; 2 when a 1:1 molar mixture between HL and TCNE was 
acidified, the 300 nm absorption band disappeared while a new band, the maximum of 
which was located around 279 nm, was observed. Observation of Figure 3 seems to 
indicate that the 279 nm absorption originates from the shoulder at 277 nm found in pure 
TCNE. The absorption around ~230 nm that grows when increasing amounts of HL are 
added to a soultion of TCNE (Figure 3) possibly corresponds to a transition to a higher 
singlet excited state in the anion L \ It is postulated that the absorption found at 300 nm 
must be that of the TCNE:H+/L" pair, and acidification of this interacting pair protonates 
the ligand and releases a modified TCNE species which does not show structure 
(possibly TCNE:H+) and has a band maximum that is observed at 279 nm.
3 .1 .3 . Hexachloroacetone
Hexachloroacetone (HCA) as a partner in redox reactions involving 
enzymes and in trichloroacetylation reactions has been studied,31> 32 and the formation 
of CT complexes in reactions of HCA with some electron donors has been reported.28 
HCA was originally choosen to be an NMR solvent, but the similarities between the 
visible absorption spectrum of HL dissolved in HCA and that of its deprotonated (or 
protonated) form stimulated the study of this acceptor in the search for CT type 
interactions.
The visible absorption spectrum of HL dissolved in HCA shows an intense 
peak around490.5 nm (Figure 5). The shape andmolar absorptivity of the absorption band 
of this new species are those of the spectra of L' and R^L* and seem to indicate that there 
is charge delocalization within the species formed from HL. An attempt to detect a 
possible CT complex by using spectrophotometric methods did not yield conclusive 
results. Since there is a three orders of magnitude difference between the molar 
absorptivities of the interacting species, a decrease in the absorption of HCA because of 
complex formation, if it occurs, could be detected by difference absorption 
spectroscopy.
The effect of solvent polarity on the reaction of HL with HCA was studied. 
When the solvent is HCA the dipyrromethene reaction product can be detected by its 
intense absorption around 490 nm. When the solvent was DMSO a concentration of HCA 
comparable to that of HL was enough to induce the spectral change. The reaction is in 
general slow; for example, in DMSO approximately 12 hours are required to observe the 

















FIGURE 5. Visible absorption spectra of the product from the
reaction between HL and hexachloroacetone in the following solvents: 
(-• - )  CC14 ;(— ) CH3 CN; (- - -) DMSO; (••••) pure hexachloroacetone.
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lower polarity the reaction is even slower and larger amounts of HCA are required to 
observe spectral changes; for example, in CC14 a concentration of HCA nearly two 
orders of magnitude larger than that of HL is required to effect the reaction. The solvent 
effect seems to indicate that the reaction induces the formation of a charged species; 
similar conclusions have been given with respect to the effect that the solvent has on the 
rate constants for reaction between HCA and dihydropyridines 28 and between HCA and 
the amino group of simple peptides .33 For example, it has been reported that reactions 
between peptides and HCA may occur at room temperature in about 12 hours when the 
solvent is DMSO: 33 
Scheme 4
O R 1 R2




C13CCNHCHC0NCHC02H + CHCI3 
R3
A reaction such as the one shown by Scheme 4 has been found to occur only 
under basic conditions when carried out in non-polar solvents such as pentane. 
However, in the case of substituted aromatic amines, such a reaction can be effected at 
room temperature in aqueous solution if the phenyl group contains electron donating 
substituents.
Redox processes involving N ,N ,N ' f l '  -tetramethyl-p -phenylenediamine as 
the reductor of hexachloroacetone in acetonitrile have been studied.28 From these 
studies the possibility of formation of CT complexes was inferred. Although these
authors were unable to identify any reaction product (an ESR study that could have 
demonstrated the presence of free radicals from the postulated electron transfer process 
gave negative results) they suggested the possibily of CT reactions as an intermediate 
step in the reduction of HCA by dihydropyridines; their conclusion was based on the 
observation of bands in the visible absorption spectrum of the interacting system which 
were absent in the spectrum of each partner alone. The scheme presented for the 
reduction of HCA by dihydropyridines involves the transfer of a hydride ion:28
Scheme 5
In the case of the reaction between HL and HCA, visible absorption data do 
not suggest that a reaction such as the one shown by Scheme 5 could be possible. A 
hydride atom transfer from HL to HCA to produce an L+ species and the reduced form 
of HCA would give rise to a completely different absorption spectrum because L+ is an 
electron deficient species that is not isoelectronic with L' and H2L+, both of which have
34
the type of spectrum that is observed.
The effect of the solvent on the position of the absorption maximum of the 
HL/HCA species was studied. The visible absorption spectrum of the HL/HCA species 
in a few solvents is shown in Figure 5. The band maximum in a particular solvent was 
compared with that of the protonated (and deprotonated when that datum was available) 
species in that solvent. For example, the band maximum is located around 490.5 nm 
when the solvent is HCA. In DMSO the band maximum is located around 487 nm; this 
value is very to close to those of the deprotonated forms of HL (for example 489 and 
490 nm for the K+L' and Na+L' salts, respectively) but H2L+C1‘ absorbs at 485 nm in this 
solvent. In carbon tetrachloride, the absorption maximum of the HCA/HL pair is around 
487.5 nm, but the absorption maximum of the H2L+C1 species was observed at 489 nm. 
In acetonitrile, the band maxima are located at 480 and 481nm for the HCA/HL system 
and for the H2L+C1' species respectively. As it will be discussed in the next section, in 
solvents of low polarity the visible absorption maximum of a deprotonated form of HL 
such as K+L' is relatively close to that of the protonated species.
When HCA was added dropwise to a solution of HL in n -pentane; opaque, 
red needles crystallized from the solution. The solid was filtered under argon, washed 
with the solvent, dried and stored in a vacuum dessicator. Results from elemental analysis 
(C , 53.76 0.4%; H, 5.30%; N, 7.10 0.4%; Cl, 24.32 0.5%; 0,6.14%) indicates the 
following formula for the solid:
O t.632  ± 0.033^0.525 ± 0.0285^0.7100 ± 0.0140^0.397 ^ 5 .4 4
Since the formula of the HL species is C,5H20N2, the number of atoms in the above
expression can be multiplied by 4 (because HCA does not contain nitrogen):
^ • 18.53 0.13^ 2.10 0.11^ 2.84 0 .06^ 1.58^ 21.7
If the HL formula, C^H^Nj, is substracted from the analytical formula, the 
adduct formula is:
f  P] II f)
3.53 ± 0.13 2.84 ± 0 .0 6 ^ 1 .7 6 ^ 1 .5 8
Although there is a possibility of a chemical reaction between the imino 
nitrogen and the deactivated HCA carbonyl, the presence of nearly three carbon atoms 
per mole of HL does not fit that possibility. In reactions between HCA and phenylene- 
diamine several intermediate reactions products, derivatives of HCA, have been 
postulated; the authors of this article have detected the formation of penta and 
tetrachloroacetone as well as the liberation of chloride ions.28 The possibility of a 
reaction between HCA and HL to produce some type of adduct will be discussed after 
the IR data are considered.
Figures 6 and 7 show the IR spectra of the product from the reaction between 
HL and HCA and the IR spectrum of the species. Figure 8 shows the FT-IR
spectrum of an HL/DMSO solution. Some of the IR frequencies of these species are 
listed in Table 1. Some representative IR frequencies are also listed in Table 1. By 
analogy with the IR spectrum of hexachloroacetone liquid, the 829.5 cm 1 vibration 
present in the spectrum of HL/HCA was assigned to a C-Cl stretching vibration.34 
A strong vibration located at 1687 cm 1 in the spectrum of the HL/HCA species has 
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FIGURE 8. FT-IR spectrum of a DMSO solution of HL.
SPECIES
FT-IR FREQUENCIES (cm 1)
C-H C=0 C=N C=C C-Cl
HL/HCA 3125,3111 1687 1624 1531,1441 829
HL/HFA 3196, 3083 1622 1535,1542
n y c i - 3170, 3059 1605 1522,1442
K+L- 2968,2940 1603
TABLE 1. Characteristic FT-IR frequencies of the product from the 
reaction of HL with HCA and HFA respectively. The data are compared 
with those of the protonated and deprotonated forms of HL. The spec­
trum of the K+L' was obtained from a solution of the ligand dissolved 
in a fresh DMSO/KH solution. The spectra of all other species were 
recorded with the samples in the solid state (KBr disk)
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assignment was based on the possibility of formation of an adduct. Upon halogen 
substitution there is a shift of the C=0 stretching to higher frequencies; for example 
a  -halogen substitution shifts the carbonyl stretching frequency of saturated ketones 
from 1700 cm 1 to ~1735 cm 1. 35 Alpha substitution may shift this frequency up to 
1780 cm 1; the carbonyl stretching frequency in HCA is located at 1779.5 cm*1. 
However, a-halogen substitution has a mild effect upon the carbonyl stretching 
frequency of an amide. For the reactions of trichloroacetylation of dipeptides by 
HCA the effect that the nature of the substituents (R‘ in Scheme 3) has on the IR 
stretching frequency of the new carbonyl group in the reaction product was studied;33 as 
the size of the substituents (in particular those close to the new CO group) increased the 
C=0 stretch shifted to lower energies; for example, changing R1 from a hydrogen to a 
phenyl group shifted the C=0 stretch from 1750 to 1710 cm'1. Alkyl trifluoromethyl 
amides absorb in the range 1698-1718 cm'1. If a single halogen atom is attached to the 
a-position of a tertiary amide no effect on the carbonyl frequency can be observed; but 
while the presence of a second halogen splits the C=0 peak, addition of a third halogen 
shifts the C=0 frequency to higher energies although the shift is not as great as that in 
the case of alkyl ketones. For example, the carbonyl stretching frequency in the species 
Cl3CCON(CH3) is 1689 cm*1 while the corresponding C-Cl stretching vibration is 
842 cm*1.36 The 1687 cm*1 and 829.5 cm*1 vibrations present in the IR spectrum of the 
solid obtained upon reacting HL with HCA are absent in the IR spectrum of the neutral 
ligand as well as in that of its hydrochloride derivative.
The strong IR band observed around 1600 cm*1 has been assigned to the skeletal 
stretching mode of the pyrrole rings.37This band is expected to be sensitive to coordination 
to the nitrogens. Red shifts of about 15 cm*1 for this band have been found when the IR 
spectra of some MLZ complexes 5-37,38 and complexes involving other dipyrromethene
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derivatives4*1,39 were compared with that of the ligand. The shift to lower energies of this 
stretching vibrational mode can be related to changes in conjugation; for example, the 
rather small shift from 1608 cm'1 in HL to 1595 cm'1 for CuL2 has been explained by 
considering that chelation did not appreciably increase the degree of conjugation found 
in the ligand.37 Unfortunately it was not possible to obtain solid state FT-IR data for the 
deprotonated HL species (see, however, Section 4). For the HL-HCA species this 
skeletal stretching IR band was located at 1624 cm 1, but for the t y / C l '  species it was 
observed at 1605 cm 1. Because of the moderate effect on the position of the NMR 
resonance of the vinyl proton and because no appreciable red shift of the skeletal 
vibrational mode of HL could be found, it can be concluded that the effect that HCA 
has on the ligand does not appreciably increase its aromaticity as protonation does. 
Extensive charge delocalization is expected to occur when there is a strong donor/ 
acceptor interaction.
Table 2 shows NMR data for the HL/HCA and HL/HFA species. The data are 
compared with those of the neutral (HL), deprotonated (Na+L ), and protonated (ItjL*) 
ligand. The relatively drastic downfield shift of the vinyl proton signal that occurs upon 
protonation of HL is caused by an increase in the electronegativity of the carbon to which 
the vinyl proton is attached. All the proton resonances corresponding to the HL/HCA 
species are shifted downfield with respect to those of the ligand, but the magnitude of this 
shift is nearly one third of the shift resulting from protonation. While the NMR 
resonance ofthe vinyl proton in the HL/HFA system is similar to that of the deprotonated 
species, the NMR signal of the vinyl proton in the HL/HCA system resembles that of 
the metal complexes (the NMR signal of the vinyl proton in the ZnL2 species was found 
to be 6.98 ppm38).
RESONANCES
SPECIES Chemical shifts relative to HL
h 2l+ HL Na+L- HL/HCA HL/HFA - A h 2l + A  Na+L" HL/HCA ^  HL/HFA
5,5'-CH3 2.454 2.284 2.098 2.307 2.224 0.170 0.126 0.074 0.060
4,4'-CH3 1.982 1.875 1.845 1.905 1.876 0.110 0.030 0.030 0.001
3,3'-CH3 2.303 2.074 2.036 2.148 2.064 0.229 0.038 0.023 0.010
vinyl-H 7.386 6.711 6.625 6.920 6.634 0.765 0.086 0.209 0.077
TABLE 2. !H chemical shifts ( 8 in ppm downfield from TMS) of some possible donor-acceptor pairs. The data
are compared with those of the protonated, deprotonated, and neutral HL species. The free base was deprotonated by
means of NaH, while CF3C02H was used to obtain H2L+. TMS and D-DMSO were used as internal standards. The
solvent was D-DMSO and the temperature of the solutions was 20 °C. H
H3C i CH3
Data of the variation in the chemical shifts of the methyl groups as a 
consequence of i). reaction with HCA, ii) reaction with NaH to produce the deprotonated 
form, and iii) reaction with acid to yield the protonated form are also shown in Table 2.
A natural result is that while protons 3,3' experience the largest chemical shift 
upon protonation, protons 5,5' experience the largest chemical shift upon deprotonation. 
The variation of NMR shifts in the case of HL/HCA does not parallel those found for 
the protonated form and the magnitude of the changes is minimal. It can be observed that 
both in the case of the HL/HCA and in the case of the deprotonated species the largest 
absolute shift is that of the 5,5' methyl resonances; however, in the former species the 
5,5' methyl resonances seem to be the less affected by the presence of HCA.
In solvents such as DMSO, in which the HL species can easily be deprotonated, 
the reaction between HL and HCA is faster. In this solvent the HL species can be found 
partially deprotonated (further details about the dissociation of HL in DMSO are given 
in section 3.2) and the presence of free L* can explain why this reaction is faster in this 
solvent. But in order to obtain a solid from the reaction between HL and HCA, the ketone 
has to be in large excess and the solvent must be a hydrocarbon. In this situation it is 
believed that HCA forms with HL an insoluble adduct. This hypothesis is supported by 
the observation of peaks at 1687 and 829 cm 1 in the FT-IR spectrum of the HL/HCA solid; 
these vibrations were assigned to C =0 and C-Cl stretching frequencies.
The data given in Table 2 indicate a downfield shift for the resonance of the 
vinyl proton in HL upon interaction with HCA. A downfield shift of the resonance of the 
vinyl proton is usually observed in the spectra of metal complexes ML2. In these cases, 
there is a strong interaction between the metal ion and the nitrogens; consequently the
nitrogens become more electronegative and -by induction- the electronegativity of the 
vinyl carbon increases. It is concluded that in the interacting pair HL/HCA the C=0 must 
be interacting with the nitrogens although not as intensely as that in the case of a metal 
complex.
The structure of the product of the reaction between HL and HCA could not 
be determined. The information available suggest that there was an irreversible reaction 
between these compounds. The FT-IR, visible absorption, and NMR data allow one to 
conclude that these species may react to form an adduct in which the pyrrolyl proton 
has been removed.
Section 4 contains a further discussion about the interaction between HL 
and HCA. All the results presented will be summarized, an analysis will be made, and a 
final conclusion will be presented.
3 .1 .4 . Hexafluoroacetone
This compound was extracted by washing its trihydrate with n-pentane. When 
a few drops of this (CF3)2CO/n-pentane solution were mixed with a saturated HL/ 
n -pentane solution, a clear brown-orange solid precipitated immediately from the 
solution. The elemental composition of this product was 49.80%, C; 4.74%, H; 
6.13%, N.; however, no reasonable conclusion could be deduced from these data.
The solid from the HFA-HL reaction dissolves completely in DMSO. The 
visible absorption spectrum of the species in this solvent is that of the deprotonated 
ligand. Spectral changes in its visible absorption occur only when an excess of HFA is 
present. For example, HFA was extracted by washing the hydrate with CC14 and this 
HFA/CC14 solution was used to dilute a stock HL/CC14 solution. The visible absorption 
spectrum of this system is similar to that of a species with charge delocalization; the 
strong and narrow peak centered around 484 nm is blue shifted relative to both 
that of the H2L+[CF3C 02] (487 nm) and to that of H2L+C1_ species (489 nm). These 
differences may imply that the ligand in the product HL/HFA is less planar than the 
protonated species. The visible absorption spectra of the system HL/HFA in CC14, 
CH3CN, and DMSO are shown in Figure 9.
The NMR resonances of the methyl groups for the substituents at position 
3,3', 4,4', and 5,5' of the species that result when HL is dissolved in DMSO containing 
CF3C 02H are 2.303,1.982, and 2.454 ppm, respectively. The downfield shift relative 
to the positions of the resonances of the neutral ligand is the result of charge 
redistribution within the molecule. However, these resonances are 2.064, 1.876, and 
















FIGURE 9. Visible absorption spectra of the product from the reaction
between HL and hexafluoroacetone in the following solvents: (— )CC14 ; 
(- - );CH3CN;(---)DMSO.
Table 2 shows that there is a slight upfield shift in some of these resonances when they 
are compared with those of the HL molecule. The upfield shift of the resonance of the 
vinyl proton in HL/HFA relative to the vinyl proton resonance in HL indicates that the 
vinyl carbon became less electronegative because of the interaction with HL. The delta 
values (see Table 2 for definition) are .01, -0.001, and 0.06 for the 3,3', 4 ,4 ', and 5,5' 
methyl groups respectively, and 0.077 for the vinyl carbon; the data corresponding to 
methyl groups 3,3' and 4,4' are within the experimental error range (approx. 0.005 ppm). 
The methyl groups that experience the largest upfield shift as a consequence of the 
reaction between HL and HFA are those at positions 5,5' and a similar trend was found 
in the case of the Na+L* species (see Table 2). This finding may also indicate that HFA is 
involved in deprotonation of HL; however, because of the repulsion between the methyl 
and the CF3 groups a large excess of HFA was required to observe changes in the 
electronic or NMR spectrum when the solvent was DMSO.
After analysis of the FT-IR spectrum (Figure 10) no stretching vibration cor­
responding to a carbonyl group was encountered. In general, no special spectral feature 
(for example, the presence of a C-F stretching vibration) that could have indicated the 
formation of an adduct, or of any other type of weak interaction between HL and HFA, 
was found.
In Section 4 the results obtained from NMR, IR, and visible absorption will 
be reconsidered and a final conclusion regarding to the type of reaction that takes place 
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FIGURE 10. FT-IR spectrum of the product from the reaction between hexafluoroacetone and HL. (KBr disc)
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3.2. HEXAMETHYLDIPYRROMETHENE ANION
3 .2 .1. Introduction
When the ligand localized *it <—n  transition and the d-d electronic transitions 
of metal complexes fall in the same spectral region, their assignment becomes difficult. 
For example, the identification of the spin allowed ligand localized transition in 
[Ru(bipy)3]Cl2 was made possible by comparing its spectrum with that of the protonated 
species.40 Similarly, spectroscopic properties of the ligand localized band in dipyrro- 
methene metal complexes are usually compared with the spectrum and photophysical 
quantities of the protonated free base. For example, the very intense band ( £ ~105) 
observed in the 20,000 cm'1 spectral region of the electronic spectra of 3,4'- 
dicarboxyboxyethyl-5-chloro-trimethyldipyrromethene complexes of bivalent Cu, Ni, 
Zn, Hg, and Pd metal ions was assigned to be a low-energy intraligand band because 
these transitions have been observed in the spectra of the protonated ligand.4® In both 
cases the band assigned to the*7t electronic transition is more narrow, more intense 
and red shifted with respect to that of the free base (Ebase~104).
With ligands such as porphyrins and dypyrromethenes it is expected that the 
spectrum of both the protonated and deprotonated forms would be similar. These ionic 
species are isoelectronic, and the shifts between their absorption maxima may depend 
on the extent of charge delocalization. The red shift of the absorption maxima of the free 
base upon protonation can be explained by means of the free electron model. 41 This 
model considers that the electrons are mobile within the it -system of a conjugated 
molecule so that they are able to move around the entire it -system without restriction. 
Consequently, while the potential energy of the electron is finite inside the it-system
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outside this region the potential energy is infinite. This assumption is analogous to the 
quantum mechanical problem of a particle (or electron) in a box. In a first approximation 
the unidimensional Schrodinger equation can be solved to obtain the energy levels of the 
electron:
E -  n2h2 
8ma2
in which n is a quantum number, h is the Planck constant, m is the mass of the particle, 
and a is the length of the box (or the length of the region to which the electron is confined. 
For a transition between the level n=k to the level n=k+l, in which k denotes the highest 
occupied energy level of the molecular system, the above equation can be arranged to give 
a direct proportionality between the length of the conjugated system (or length of the box) 
and the wavelength (A,) of the absorption maximum of the molecular system:
he _ x _ 8ma2c 
Ek+i-E k (2 k + l)h
in which c is the speed of light and k is a quantum number. Since the charge in the 
protonated species H2L+ can be redistributed along the entire conjugated system a is 
larger so that the transition energy is expected to shift to the red(with respect to that in the 
free base in which no charge redistribution is possible).
There is very little information in the literature about the formation and 
spectroscopic characterization of deprotonated porphyrins. Studies of the electronic dis­
tribution of porphyrins systems has been oriented toward understanding their redox 
properties.42,43 However, the formation of the sodium salt of metalloporphyrins has been 
reported in studies of the reduction of free base porphyrins with sodium metal;44 however, 
those studies failed to identify a unique, stable, reaction product that could have been
appropriately characterized.
Calculations related to changes in the jc electron ring currents that result 
from protonation and deprotonation of porphyrin molecules have been reported;45 these 
calculations predict an increase in the induced currents through the vinyl bridges upon 
protonation and a decrease upon deprotonation. Experimental studies of the interaction 
between free base porphyrins and alkali metals can be interesting since deprotonation 
can be achieved. Sinyakov andShul'ga46 have studied the interaction between free base 
porphyrin and sodium metal in tetrahydrofuran. These authors found a single NMR signal 
for eight protons of the pyrrole rings and concluded that the sodium ions do not attach 
to a particular nitrogen but, instead, that they lineup outside the plane of the cycle in 
which a negative charge is uniformly distributed. But the discussion presented by these 
authors is partial and confusing; it is not clear for example where those eight protons are 
located (possibly the -CH2- groups of the ethyl substituents) or which cycle shows charge 
delocalization; also no discussion was presented with respect to the changes in absorption 
that the interactions of the Na+ species with the anion would have produced.
The study of the deprotonated form of free base hexamethyldipyrromethene 
is interesting because: a) there is more molecular flexibility in dipyrromethenes than that 
in the free base porphyrins, and consequently -if chelation is a possibility - the dihedral 
angle between the pyrrole ring or the distance between the nitrogens may change and 
depend on the size of the counter ion; b) deprotonation of hexamethyldipyrromethene 
with various alkali bases may form novel metal chelates. These possibilities are 
plausible because only an intimate ion-pair between Lr and alkali cations may help to 
stabilize the anion.
An extensive literature search indicated that deprotonated forms of dipyrro- 
methenes have never been prepared. Similarly, no studies about alkali chelates the anions 
of which are relatively unstable have ever been reported.
3 .2 .2 . Preparation of the Y+L‘ Species
Protonation of hexamethyldipyrromethene can be attained easily because the 
aromatic positively charged ion is stabilized by the methyl substituents. An impure 
solvent can cause protonation of the free ligand. For example, a pronounced shoulder, 
around 485 nm can be seen in the spectrum of HL when bulk CH^C^ ( that contains 
some HC1) is used as the solvent. Conversely, deprotonation of this species yields an 
unstable anion; consequently it is expected that the counter ion (Y+) and the solvating 
properties of the solvent will play a significant role in the stabilization of the anion. The 
Y+L' species was obtained for the first time when traces of an oil suspension of sodium 
hydride were added to an HL/DMSO solution:
Scheme 6
HL + NaH Na +L‘ +
Evidence that will be discussed later, indicates that HL is directly depro­
tonated by NaH (i.e. without participation of the conjugate base of the solvent).
Bordwell and co-workers in their studies of acidities of organic protic 
compounds (HA) in DMSO, have used dimsyl ion as the conjugate base which 






h 3c t  ^ c h 2 k +
II
Dimsyl ion
Reactions between alkali hydrides and DMSO are very slow unless the
temperature of the solution is increased.48 While fresh, dry, KH can react violently with 
DMSO to yield the dimsyl ion in few minutes, the reaction between NaH and DMSO 
may take several hours (the reaction is over when bubbling has ceased), and that between 
LiH and DMSO seems to be even slower than that in the case of NaH. When the base (KH) 
has completely reacted with the solvent, the solution displays a pale yellow color and it 
is not transparent in the ~450 nm spectral region (blank corrections do not eliminate this 
absorption). Consequently it was found not to be convenient to use the DMSO-K7 
DIMSYL system as a solvent for absorption studies because using the solvent as a blank 
leads to low photometric accuracy. On the other hand, all the Y+L' solutions used for NMR 
measurements were filtered (under argon) no more than 2 minutes after the hydride was 
added; this procedure eliminated most of the interference that the presence of the 
Y+CH3SOCH2' species would have caused.
sodium methoxide that is dissolved either in DMSO or DMF. A saturated DMSO 
solution of sodium methoxide is virtually transparent in the spectral region 350-600 nm; 
any interference because of the presence of the base was efficiently eliminated by using 
the same concentration of base as a reference. A saturated DMSO solution of potassium 
methoxide develops a yellow color within 5 to 10 hours after its preparation; however 
the spectroscopic transparency (350-600 nm range) of a saturated DMSO-sodium
Hexamethyldipyrromethene has also been easily deprotonated by means of
methoxide solution remains unaffected. The spectral changes that occur during the 
titration of HL/DMSO solutions with increasing amounts of CH3ONa/DMSO solution are 
shown in Figure 11 . The experiment was repeated a few times and an equilibrium 
constant of 0.004 0.001 for the deprotonation of HL was obtained. Reproducibility in 
this experiment was found to be extremely sensitive to traces of moisture on the 
glassware; for example, a yellow DMSO solution of Na+L' that is relatively dilute 
(~10'3M) in sodium methoxide may turn green (color of the HL species) after it was 
transferred from the volumetric flask to the absorption cell; in this case protonation of 
the L' species can only be the result of moisture in the pipette and/or in the absorption 
cell because no acidic solutions were used to clean the glassware. The same reaction was 
carried out with DMF as the solvent, but in this system it was impossible to obtain 
reproducible results (DMF decomposes in extremely alkaline or acidic environments).
Fillingim49 found that it is possible to obtain a solution of hexamethyl­
dipyrromethene anion by means of a reaction between an ML2 complex and a crown ether. 
For example, when a DMSO solution of CuL2 was titrated with 12-crown-4 ether a 
spectral transformation took place; this reaction produced a species the spectrum of 
which was that of the L‘ species. He postulated that Cu2+ is complexed by 
12-crown-4 ether and that L' may be stabilized by interaction with the copper/crown 
complex. Fillingim49 found the same spectrum of the L~ anion when the L' was formed 
from ZnL2 and 12-crown-4 ether. Fillingim49 also found a negative ion, L \ spectrum that 
had a peak at 505 nm when HL was titrated with sodium acetate in DMSO. Fillingim 
observed the development of a single band spectrum indicative of an L' species that had 
a peak at 505 nm when pyridine was added to an NiL2 /DMSO solution that had a spectrum 
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FIGURE 11. Effect of adding increasing amounts of a saturated solu­
tion of CH3ONa on the visible absorption spectrum of a 5.57xl06 M 
solution of HL. The solvent was DMSO.
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3 .2.3. Characterization of the Hexamethyldipyrromethene Alkali Salts
3 .2 .3 .1  Solvent Effects in the Visible Absorption Spectra
i. DMSO and DMF
Deprotonation of HL in a DMSO solution by means ofNaH produces a species 
the absorption maximum of which is located at 490 nm. When solid lithium chloride is 
added to this solution a red shift of 7 nm in the visible absorption band is observed. 
Figure 12 shows the result of titrating an Na+L/DMSO solution by means of a LiCl/ 
DMSO solution. After several determinations an equilibrium constant o f0.04 0.01 was 




The value of the equilibrium constant is large considering that DMSO has a 
greater affinity for Li+ than for Na+. 50 In this work some evidence will be given to prove 
that a cation exchange reaction such as the one shown by Scheme 8 takes place.
Hexamethyldipyrromethene anion has never been obtained when the solvent 
is a primary or a secondary alcohol. While anions which have the negative charge 
localized on an oxygen atom (for example acetylacetonates) are stabilized by means of 
strong hydrogen bonds when they are dissolved in alcohols, unstable anions such as L' 
are better bases than primary or secondary alkoxides. Deprotonation of HL by using
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FIGURE 12. Spectral changes that occur when an 8.36xlO'6M
Na+LT /DMSO solution is titrated with a LiCl/DMSO solution. The red 
shift indicates a cation exchange reaction that produces the Li+LT species.
a saturated MeOK/MeOH solution (prepared by dissolving K in methanol) was attempted, 
but the experiment did not give the desired result. In aprotic solvents such as DMSO, HL 
can easily be deprotonated by methoxides or alkali hydrides. The species Li+L' can be 
obtained directly by adding drops of a n -hexane/n -butyl lithium solution to, for 
example, a hydrocarbon or ethyl ether solution of HL.
The high solvating power of DMSO (and DMF) made it possible to obtain 
stable solutions of Y+L\ This dipolar aprotic DMSO solvent can efficiently solvate both 
cations and specific anions. The large polarizability of DMSO -compared to that of 
alcohols-allows more efficient solvation of anions that have their charge delocalized 
over a large area.51,52® Moreover, because of the relatively high dielectric constant of 









Attempts to deprotonate HL by means of a bulky base such as tetramethyl- 
ammonium hydroxide were not successful. When a solution of HL in DMSO was treated 
both with solid tetrabuty 1-ammonium hydroxide trihydrate and with a 1.0 M solution of 
this base in alcohol no spectral change was observed. Some experiments seems to indicate 
that the stability of the Y+L' species increases as the ionic radius of Y+ decreases. For 
example, deprotonation of HL in a DMSO solution by means of KH produces a species 
the absorption maximum of which is located at 489 nm; addition of NaCl to this solution 
shifts the visible absorption maximum from 489 to 490 nm, the shift indicates a cation
exchange reaction that produced the Na+L' species. However, when excess KC1 was 
present in a Na+Lr solution that was prepared by dissolving a minimal amount of NaH in 
a ~10'5 M DMSO solution of HL the visible absorption spectrum was that of the Na+L" salt.
Spectroscopic evidence for the influence that the counter ion has on the stabil­
ity of hexamethyldipyrromethene anion will be presented. It is postulated that both the 
solvent and the bare anion may compete for interaction with the cation. The dependence 
of the position of the visible absorption maximum on the cation that is present in a few 
solvents was studied. Figures 13 and 14 show the spectra of various Y + L' species 
formed in DMSO and DMF respectively. Since the stability of the L' species in these 
solvents seems to depends on the counter ion, no clear evidence that demonstrates the 
existence of the bare anion in these solutions has been found. For example, a study of 
the effect of concentration on the position of the band maximum of a solution of K+L' in 
DMSO was carried out; but in this experiment no change in the position of the visible 
absorption maximum solution was found in the concentration range 5x l06M - 5xlO'7M. 
However, the visible absorption spectrum of dilute HL/DMSO solutions (3x1 O'6 M) 
shows a tiny shoulder at 505 nm that could be assigned to the presence of the bare L  
species. This hypothesis was postulated by Fillingim;49 in a high temperature study of 
the system HL/DMSO he found that a species the absorption band maximum of which 
is located at 505 nm can be observed at ~100 °C and concluded that this species was a 
planar bare L' molecule.49
Table 3 contains the molar absorptivities and band positions for these Y+L' 
species in DMF and DMSO. The data are compared with those of the protonated species. 
It can be seen that, for each species, there is a blue shift in the position of the absorption 












FIGURE 13. Visible absorption spectra of a 5.634x10 '6M solution
of HL in the following media: 1 (—) -10"4 M C | CQ H ; 2 - )  2 ml of 
a saturated CH3OK solution per 5 ml of solution; (— ) solution 2 made 
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FIGURE 14. Visible absorption spectra of a 5.886 xlO'6M solution 
of HL in the following media: (—) ~10*4 M CÊ  CQ  H solution; ) 2 
ml of a saturated CH3 OK solution per 5 ml of solution; (— ) solid 
NaCl added to 2. ;(■■■•) solid LiCl added to 2. The solvent was DMF.
SPECIES
Molar Absorptivity (xlO5) Absorption Maxima (nm)
DMSO DMF DMSO DMF
h 2l - [CF3C02] 0.93 1.12 486 484
K+L- 1.03 1.21 489 487
Na+L- 1.12 1.29 490 488.5
Li+L- 1.08 1.32 497 495
TABLE 3. Molar absorptivities and visible absorption band maxima of the 
protonated and various deprotonated forms of hexamethyldipyrromethene. 
DMSO and DMF potassium methoxide solutions were used to obtain K+L \ The 
sodium and lithium salts were obtained by reaction of K+L‘ with the appropriate 
halide. The spectra were those of solutions at room temperature.
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depend on the nature of the species present and a blue shift is observed in the order: 
Li+L \ Na+L \ K+L\ H2L+(CF3C 02). It is believed that this order reflects various degrees 
of departure from molecular planarity. The more planar the molecule the easier the 
charge redistribution within the pyrrole rings become. In the case of the planar adduct 
L :BF2 (L = 3,3'-5,5s tetramethyldipyrromethene) a sharp, intense absorption centered 
around 505 nm has been reported; in this system the higher degree of covalency of the 
boron- nitrogen interactions increases the aromaticity of the molecule. 16 The rich vibronic 
structure of the intense St —» S0 fluorescence emission of L:BF2 has been recorded at 
4.2 K; BF2 is able to anchor the molecule in a rigid conformation that most likely has a 
C2v symmetry:16
The large difference between the absorption maximum of Li+Lr and those of 
both L K+ and L‘Na+ could be related to the special affinity that exists between Li+ and 
amines. Electron affinities for the isolated ions are: 5.39 (Li+) , 5.14 (Na+); and 
4.34(K+) 53 The relatively large difference in electron affinity between Na + and K+ cannot 
explain a energy gap of only 1 nm between the band maxima of the Na+L" and K+L" 
species. The relatively large binding energies between Li+ and Lewis bases may also help 
to explain these differences. For example, the binding energies (relative to that of NH3) 
between Li+ and Me3N is 3.0 kcal/mol, compared with 2.1 kcal/mol when the cation is 
K+.54 Ab-initio calculations give dissociation energies of the bond Li+-NH 3 and
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Li+ —H20  that are 40.4 and 37.6 kcal/mol respectively.55 Hartree-Fock calculations 
performed to investigate Li+/azole interactions have suggested that Li+ bridging 
complexes are possible56 and that the Li+—N interactions were found to be electrostatic 
in character. In this investigation there is presented evidence which favors the 
classification of the hexamethyldipyrromethene alkali salts as "bridging complexes".
The effect that alkali metal ions have on crown type compounds seems to be 
similar to the effect that these ions have on L \ It has been demonstrated spectroscopicaly 
that ion-dipole forces can influence the interaction between alkali metal ions and the 
electronic surroundings of donor heteroatoms (O, N, S). Noticeable changes in the 
absorption spectra have been found in cases in which the electronic disturbance is 
propagated through the entire 7t sy stem. For example, red shifts of the visible absorption 
bands of some chromoionophores upon addition of alkali metal ions have been 
reported.57 The magnitude of these shifts were attributed to changes in the dipole moment 
upon electronic excitation; when the amine nitrogen of a chromoionophore is positively 
polarized, the excited states become more destabilized than are the ground states because 
of the addition of cations.57
ii. Tertiary Alcohols
Deprotonation of HL in t -butanol (f -BuOH) was achieved. The bases were 
the corresponding alkoxides of sodium and potassium. In DMSO the association constant 
between t -butoxide and alkali cations are: r'Bu0‘/u+K)issoc ~ 10®, compared to 106 and 270 
for Kassoc with Na+ and K+, respectively58; while an optically clear solution of the 
potassium alkoxide was obtained it was not possible to obtain a clear solution of lithium 
alkoxide even after filtration. For example, a t -BuOH/f-BuOK solution was prepared
by dissolving small pieces (~0.5g) of K{t) in /-BuOH through which there was a slight 
flow of argon; a clear solution of potassium t -butoxide was obtained by this procedure. 
Although the product of the reaction between sodium metal with / -BuOH has a very 
low solubility, filtration of this solution gave an optically clear / -BuQNa/f -BuOH 
solution. However, it was not possible to obtain a solution of / -BuOLi in / -BuOH; this 
violent, exothermic reaction of lithium metal with/ -butanol yielded an opaque solution 
that could not be filtered successfully.
When the visible absorption spectrum of a solution of HL in/ -BuOK//-BuOH 
was recorded, in addition to the typical band of the negative ion around 485 nm a new 
band developed around 323 nm. As the absorption of the negative ion decreases in 
intensity a second band is observed. This second band seems to be more symmetrical and 
weaker in intensity with respect to the band observed to grow around 323 nm, and its 
maximum is located around 412 nm. No well defined isosbestic point is noted. These 
temporal changes were followed and the results are shown in Figure 15. Whether the 
band at 410 nm is that of the same species that produces the 323 nm band or is a third 
species has not been determined. Attempts to protonate the species that absorbs at 
323 nm were unsuccessful; the high concentration of base requires such a large quantity 
of acid that the experiment is not easily done.
Tertiary butyl alcohol cannot efficiently solvate an anion as large as L' as 
DMSO does.The dispersion forces of DMSO are more effective in stabilizing the 
redistributed charge of this anion than are the more localized interactions of the hydroxyl 
groups.51,52b It is postulated that the anion attains a conformation in which the redistri­
bution of charge throughout the whole molecule decreases while better solvation takes 
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FIGURE 15. Visible absorption spectra of HL in a t -BuOH/r -BuOK 
solution. The spectra were recorded at 30 minutes intervals.
K) and that of the protonated form are shown in Figure 16. When HL is dissolved in pure 
t -butanol the spectrum is that of the neutral form and shows a broad band centered around 
440 nm; in a very dilute r-BuOH/f-BuOK solution, the neutral HL species (~440 nm) 
and the deprotonated form exist in equilibrium; the concentration of the HL form 
decreases as the concentration of the L' species decreases to produce the species that 
absorbs around 323 nm. The isosbestic point observed between the 323 nm species and 
the 440 nm band of the neutral HL species indicates that the species that produces the 323 
nm band is formed -indirectly- from HL (Figure 17). In summary, while Figure 15 shows 
the spectral changes only of the K+L' species Figure 17 shows that there is an equilibrium 
between HL and K+L" (because in this case there is partial deprotonation) and that the 
reaction of the K+L' species to form the 323 nm species shifts this equilibrium towards 
deprotonation.
Results similar to those previously discussed were obtained when t -amyl 
alcohol (f -AmOH) was used as the solvent. The spectral changes that take place when 
the absorptions of the system HL/1 -AmOHJt -AmOK were recorded at different times 
are shown in Figure 18. The absorption intensities of the near UV band of Na+ L' in 
the t - AmOH system appear to be smaller than those of the corresponding near-UV 
band found in the t -BuOH system. ( 323 nm band). Again a band at 400 nm seems to 
develop.
While in DMSO an energy gap of only 1 nm between the band maxima of 
the sodium and potassium salts exists; in the t -amyl alcohol system there is a gap of about
iii. n -Hexane -Alkoxide Solutions
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FIGURE 16. Visible absorption spectrum of HL in the following
media: (—) ~1Q' 4  M CF3  CO, H solution in t -BuOH; ) a  
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FIGURE 17. Spectral changes that occur when HL is dissolved in a dilute (< 0.1M) 
solution of potassium t - butoxide in t -butyl alcohol. The spectra were recorded at 30 
minutes intervals.
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FIGURE 18. Visible absorption 
spectra of HL in a r-AmOH/ 
t -AmOK solution. The spectra 
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FIGURE 19. Visible absorption spectrum of HL in the following
media: (—)~10’4 M €F 3 CO2H solution in t -AmOH; (--) a 
f-AmOH/f - AmOK solution; f  -  )a  f-Am(OH)/f -AmONa solution; 
a (•••• ) t -AmOHJt -AmOLi solution.
72
bonswas achieved by dissolving HL in t -AmOY (Y= Li, Na, K)/hydrocarbon solutions. 
These solutions were prepared as follows: measured volumes of t -amyl alcohol (between
0.3 and 0.5 ml) were diluted to 25 ml with n -hexane; small pieces of alkali metal were 
added and the solution was used after the reaction of the alcohol with the metal was 
complete. This solution was used to dilute a concentrated HL/n -hexane solution and the 
spectrum was recorded. The absorption spectra corresponding to each one of the alkali 
salts of HL are displayed in Figure 20. A weak absorption centered around 323 nm band 
develops with time; this absorption was also found in the spectra of the Y+L' species in 
tertiary alcohols.
iv. Acetonitrile
Formation of the Y+L‘ species in AcN/MeOY solutions (Y=Li+, Na+, K+) has 
been verified spectrophotometrically. The visible absorption spectra of these species are 
shown in Figure 21. The positions of the absorption maxima follow the pattern of Y+L 
in DMF and DMSO; although there is little energy difference between the absorption of 
the Na+L' and K+L species, they are blue shifted about 8  nm from the absorption maximum 
of the Li+L' species. In the far visible spectral region a broad, low intensity, band at 
~400 nm can be observed.
Alkali methoxides are soluble enough in AcN to induce deprotonation of HL, 
but the concentration of base in their saturated solutions seems to be small enough to 
permit their reprotonation with relatively small amounts of acid. Figure 21 also shows 
the effect of adding CF3C 02H to acetonitrile solutions of Li+L_ , Na+L \ K+L '; the 
protonated normal species, band maximum of which is located at 480 nm, is readily 
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FIGURE 20.. Visible absorption spectra of HL in dilute (~0.5M) 
t -amyl-OY (Y= K, Na, Li) solutions in n - h e x a n e ) K+L'
Na+L ; (• •• •) Li+L . These spectra are compared with spectrum of 
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FIGURE 21 . Visible absorption spectra of HL solutions (decan- 
tates) in the following media: 1. A saturated CH 3CN/CH3OK solution. 
2. A saturated CH 3 CN/CH3ONa solution. 3. Excess LiCl added to a 
CH3 CN/CH3OK saturated solution. Broken lines (numbers in italics) 




The free base HL dissolved in THF was fully deprotonated when a fresh 
sample of a dry alkali hydride was allowed to react for at least one hour. An excess of 
alkali hydride must be added to the absorption cell to prevent reprotonation of the Y+L' 
species. The near UV-visible spectra of these salts are shown in Figure 22 .
Because an excess of hydride must be present in the cell in order to make 
the absorption of the unstable anion detectable it was not possible to observe the effect 
that the addition of acid may have on the spectra.
The visible absorption spectrum of the decantate of a ~ 6x1 O' 5 M solution of 
K+L_ in THF was recorded about 10 hours after it was prepared (see Figure 23 ). The visible 
absorption band of the negative ion (Figure 22) had almost disappeared because KH is 
no longer present; however, a broad, low intensity band is observed around 430 nm. The 
absorption observed around 430 nm may corresponds to that of the HL species. 
Figure 23 also shows the effect of acid on the spectrum; upon slight acidification, the 
protonated species is formed and the 430 nm absorption disappears.
vi. Ethyl Ether
The visible absorption spectra of the Y4L' (Y =Na, Li) salts are displayed in 
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FIGURE 22. Visible absorption spectra of l.( —■) A solution of HL in THF saturated
















FIGURE 23. (—) Visible absorption spectrum of a decantate of a K+L'/THF solution. 














FIGURE 24. Visible absorption spectrum of HL in the following 
media: (— ) excess KH; (- - -) excess NaH; (••■•) excess KH + LiCl. The 
solvent was ethyl ether.
Table 4 summarizes the position of the visible absoiption band maxima 
of the alkali salts and the protonated ligand in each solvent. Although in general the 
visible absorption band maxima shifts to higher energy in the order Li, Na, K the 
magnitude these shifts is solvent dependent A shift of about 8  to 9 nm exists between 
the band maximum of the lithium and the potassium salts, but the differences between the 
band maxima of the Na+L_ and K+L' are rather small (0.5 to 3.5 nm).
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SPECIES
SOLVENT Li+L- Na+L- K+L- [CF3CO 2]H^+
Dimethylsulfoxide 497 490 489 486
N,N -Dimethylformamide 495 488.5 487 484
Acetonitrile 492 485 483 480
t -Butanol 486 482.5 482
t - Amyl alcohol 491 488 482 482
Tetrahydrofuran 494.5 488 487 482
Ethyl ether 493.5 484 483.5 481
Alkoxide/w -Hexane soln. 491.5 483 480.5 480
TABLE 4. Visible absorption maxima (nm) of the protonated and 
various deprotonated forms of hexamethyldipyrromethene. The spectra were 
recorded at room temperature. For details about the preparation of these species 
read the text.
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3.2.3.2. Effect of Geometry and Type of Cation-Anion Interaction on the
Band Maxima in the Y+L' species
i. Discussion of Some Spectral Features
Qualitative correlations that relate molecular planarity with molar absorptivi- 
ties and band shapes are well known;59 for example, in the case of a certain chromophore:
a) an increase in molecular planarity will shift the position of its absorption 
maximum to the red. The absorption band will also be more narrow, structured, and will 
have increased its molar absorptivity, and
b) a decrease in molecular planarity will cause a more diffuse absorption 
spectrum that is blue shifted and has a smaller molar absorptivity.
These predictions are related to the number of electrons in the chromophore; 
for example, the larger the number of electrons in the system, the greater will be the shift 
to the red of the fluorescence and absorption spectra.
Approximate (PPP) calculations in relation to the effect that rotation around 
the vinyl bridge may have on the spectroscopic features of HL have been published; the 
data indicate that rotation will produce a decrease in the intensity of the visible absorption 
band and, simultaneously, an increase in the intensity of a band in the near UV.10 It is 
predicted that twisting around the single bond in the vinyl bridge will cause a blue shift 
of the 450 nm absorption; the shift is caused by an increase in double bond character in 
the excited state.10 These results are relatively consistent with the experimental observa­
tions presented in this work.
The above considerations that were discussed in previous paragraphs nearly 
correlate with the spectral features of the species that absorb around 400 nm. It is 
postulated that the 400 nm absorption band corresponds to a slightly twisted form of Lr 
because this band disappears after the solution is acidified. The nature of the absorption 
band observed around 325 nm in systems containing tertiary alkoxides has not yet been 
elucidated; it is possible that a reaction between the hydride and the HL species may 
have produced a system in which redistribution of charge throughout the entire molecule 
is no longer possible. The visible absorption band of substituted neutral pyrroles is 
usually found in the middle UV (230-270 nm); probably ionic forms of these system 
would show an absorption in the neighborhood of 300 nm.
Falk and Hofer studied the potential energy barrier for interconversion 
between the Z-syn and Z-anti forms of HL by means of the CNDO-S method.60 They 
found a barrier of about 15 kcal/mol for that interconversion, but the interconversion from 
Z-anti to Z-syn requires only about 7 kcal/mol. Although the method used by these authors 
is not appropriate to study potential energy barriers , the data can be used as a crude 
estimate of the energies needed for the interconversion. The extra stability of the Z-syn 
form is related to the strong H-bond: N-H-N. The data show that at room temperature, 
the open form of the HL species is stable enough for a rotation towards the Z-syn form not 
to take place rapidly.
ii. Nature of the Cation-Anion Interaction and Definition of the Type of
Ion Pairs
The types of interaction that may exist between an aza-aromatic and alkali 
ions are contact and solvent separated ion pairs. In general, if the cation is considered to 
be the center around which other molecules organize, two types of molecular entities 
compete for occupation of the coordination shell of the cation: the conjugate anion 
and the solvent molecules. In a first approximation the contact (or tight) ion pair can be 
considered to be a chemical species that consists of a cation surrounded by a number of 
solvent molecules and an anion in its first coordination shell.61 On the other hand, a 
solvent separated (or loose) ion-pair consists of a cation surrounded by a complete 
solvation shell associated with an anion at close proximity (in the second solvation 
shell); the anion can eventually distort the symmetry of the first coordination shell.61 
These kinds of molecular entities have also been named complexes .62
Two types of contact ion pairs (or complexes) are possible: jc and a. In a 
a- type complex the cation is coordinated to the non-bonding electron pair of, for 
example, a nitrogen atom; the probability for this type of interaction increases with the 
degree of charge redistribution in the anion and decreases with the size of the cation.62 
In this type of complex the cation is coordinated with a lone electron pair of a 
heteroatom such as nitrogen. In a 7i-type complex the cation is located above the ring 
system, in contact with the k -electron cloud.62 Usually carbanions such as the fluorenyl 
anion tend to form predominantly 7t -type complexes, however, aza-aromatics such 
as the indenyl anion would predominantly associate with alkali cations to form 
a  complexes.62
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iii. Effect of the Cation on the Band Maxima Position
In carbanions in which the negative charge is almost homogeneously distri­
buted over the it atomic orbitals, the formation of n  complexes is favored. In cases in 
which the molecular geometry does not depend on the type of counter ion, die size of the 
alkali ion will play a major role on the position of the absorption maximum. The smaller 
the radius of the alkali ion, the greater the electrostatic perturbation of the aromatic 
system will be; the electrostatic perturbation of the tc-system decreases the magnitude 
of the charge density that is redistributed and shifts the absorption maximum to the blue.63 
For example, the large interaction between the % electron cloud of indenyl ion (4) and
Y+
(4)
a variety of cations is the cause of the variations in the absorption maxima of these 
species.64 Another case of ion pair formation that leads to a 7t -type interaction is that of 
the association between fluorenyl anion and alkali metals ions (S) . 65 A red shift in the 
fluorenyl UV absorption takes place as the counter ion is successively replaced with 
cations of increasing size.The association constants of fluorenyl anion and alkali metals 
increase with the size of the cation when the solvent is THF; this trend shows that smaller 
cations are better solvated through the oxygen non-bonding electron pairs of THF.52c
(5)
The fluorenyl anion absorbs strongly between 345 and 375 nm. It has been 
found that the position of its absorption maximum shifts to lower energies as the counter 
ion (Y+) is changed in the order: Li+, Na+, K+, Cs+, N+Bu4, ||y +, free ion (in which IIY+ 
is a solvent separated free ion and N+Bu4 is tetrabutylamonium). The blue shift in the 
absorption maximum is proportional to the increase in the intensity of the cation's 
electric field.66
While indenyl and fluorenyl anions interact with metal ions to form mainly 
7t-type complexes, aza-aromatic anions show a greater tendency to form o  com­
plexes. Indolyl (6 ) and carbazolyl (7) alkali derivatives are examples of this type of 
complexes.62 Specifically, the type of complex that an aza-aromatic anion forms is deter­
mined by a competition between the it-system and the lone pair dipole in attracting the 
cation.62 The size of the counter ion, the charge redistribution and geometry of the anion 
are among the factors that determine the type of ion-pair formed.
(6)
(7)
Since the tendency to form a  complexes is larger for large anions, carbazole is even 
more prone to form a  complexes than indolyl. 62
Since the term contact ion pair implies that the cation-anion interaction is 
mainly electrostatic, an increase in the redistribution of the negative charge in the anion 
will enhance the interaction between the lone pairs of the nitrogens in Lr and the cation. 
The smaller the radius of the cation, the greater the effect of the electrostatic perturbation 
and hence the greater the red shift of the absorption maximum will be. In this investiga­
tion the large red shift observed with a decrease in the size of the cation in the species Y+L' 
seems to be the result of an increase in electron redistribution. An enhancement in the 
redistribution of the negative charge is expected to occur as the molecule becomes more 
planar. Since a small cation will allow a more planar ion-pair, the anion in the Li+L‘ 
complex would be the species with the largest charge redistribution and with the largest 
interaction of the lone pairs of L ' with L i+. The presence of lone electron pairs in 
L’ causes a potential energy minimum on each pyrrole ring that facilitates the formation 
of bridging a -  type complexes. Moreover, the shift of the visible absorption maxima to 
the red in the sequence K+L' < Na+L' < Li+L' and the shape and position of their visible 
absorption maxima also suggest that these entities can be classified as a-type bridging 
complexes. The shape and position of the visible absorption maxima indicates that the 
negative charge in Lr has been redistributed to an extent determined by the size of the 
counter ion (a large counter-ion such as K+ may twist the anion if it is located between 
the nitrogens); the redistribution of the negative charge implies that both nitrogens must 
have nearly the same charge density to interact symmetrically with the alkali ion. Ad­
ditional evidences for this hypothesis will be discussed in the next sections after results 
obtained by means of other experimental techniques have been considered.
3 .2 .3 .3 . Luminescence
i. Fluorescence Emission Maxima
The visible absorption and luminescence spectra of HL, Li+L \ Na+L\ and K+L  
are shown in Figures 25, 26,27 and 28. Table 5 gives the fluorescence emission maxima 
of these ionic species, their emision band half width, energy difference between 
absorption and emission band maxima, and the emission quantum yields of the anions. 
The excitation energy was 470 nm (high energy side of the absorption band). The almost 
identical emission maxima indicates that, in a first approximation, the excited state 
geometries of these species are essentially the same. Although the resolution of the SLM 
spectrofluorimeter was not very good (4 nm for excitation and 4 nm for emission), the 
determination carried out with a laser Raman spectrophotometer gave an emission 
maximum at 512 nm (19530 cm 1) for the Na+L' species.
The insensitivity of the fluorescence emission maxima of the Y+L' salts to the 
change of cation can be explained by considering both the type of interaction present and 
the relative stability of ground and excited state in each species. The formation of a 
contact ion pair will be favored in a polar solvent with a small counter ion. Although 
solvent separated ion pairs would be expected in DMSO, the sensitivity of the position of 
the absorption maxima (particularly in the case of Li+L ) to the nature of the counter ion 
indicates that contact ion pairs can be formed even in DMSO. Literature data show 
that the position of the fluorescence maxima of fluorenyl, indenyl, and 4,5-methyle- 
nephenanthrenyl anion (8 ) do not depend on the solvent and on the alkali ion; these results 
were attributed to a transformation of the contact ion pairs into solvent separated ion pairs 
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FIGURE 25 . Visible absorption and emission spectra of HL. The solvent was DMSO at room temperature. 
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FIGURE 27. Visible absorption and emission spectra of a Na+L‘ solution. The solvent was DMSO and the 
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Li+L- 19493 6 6 8 970 0.056
Na+L‘ 19531 877 906 0.045
K+L‘ 19531 961 961 0.0039
HL 19523 3068 1315.4 —
TABLE 5. Fluorescence emission maxima, energy difference between 
absorption and emission maxima ( AEAb Em ), half width of the emission 
maxima (HW^), and emission quantum yields for the Y+L' and HL species. The 




of the solvent separated ion pair. 63 However, the corresponding aza-aromatics showed 
stronger interactions with the alkali cations. In the case of carbazole and 4,5-imino- 
phenanthrene alkali derivatives a strong dependence of the fluorescence maximum on 
the solvent and on the nature of the cation was found. For example, in 2-methyltetrahy- 
drofuran (MTHF) and dimethoxyethane (DME) the emission maxima of the lithium salts 
were shifted to larger energies with respect to the emission maxima of the potassium salts; 
in contrast, no wavelength dependency on the nature of the counter ion was found when 
the solvent was hexamethylphosphorotriamide (HMP; e = 30).63 It was concluded that 
in HMP only solvent separated ion pairs are formed.
The type of behavior observed for hexamethyldipyrromethene alkali salts is 
not easy to rationalize. It has been shown that the absorption and emission properties of 
indolyl (InN ) alkali metal ion pairs follow a pattern that is different from that of the 
Y +L' species. For example, while the absorption maxima of the YTnN ion pairs are 
insensitive to the solvent and to the metal ion, their lithium and potassium salts emit at 
different wavelengths and show a large energy gap between the absorption and emission 
maxima.63 These features were explained by suggesting that there is a strong interaction 
between the nitranion and the counterion; according to the authors, the cation is so tightly 
fixed to the nitrogen - in the same plane of the molecule- that it does not affect the tc-  
electron cloud; spectral data show that the strength of interaction does not change 
even in good donor polar solvents such as HMP (i.e. no indications of solvent separated
pairs could be found when this solvent was used). In the case of the Y+ InN' species the 
dependence of the maxima of emission on the counter ion as well as the large difference 
between absorption and emission maxima were attributed to extensive charge reorien­
tation between the vibrational level of the Franck Condon state and the vibrationally 
equilibrated excited states. However, these charge redistributions arise from the 
assymetry of the molecule; for example, the excess negative charge in the six member 
ring changes from 30% in the ground state to -70% in the excited state.63 Hexame- 
thyldipyrromethene anion has enough symmetry that no extensive charge redistribution 
could be predicted to occur upon equilibration of the Franck Condon excited state. 
However, among the Y+L species the energy gap between the absorption and the emission 
maxima increases slightly as the size of the cation increases (see Table 5).
The small difference between the absorption maxima and their almost 
identical emission maxima of the sodium and lithium hexamethyldipyrromethene salts 
cannot be explained in a single manner. The position of the absorption maximum of 
L i+ L" with respect to Na+L' indicates that there is more charge redistribution in the 
former species; o r, equivalently, that the energy levels in Li+L' are more closely spaced 
than those in the case of the sodium salt. Among other possibilities it can be argued 
that, upon excitation, the magnitude of the energy redistribution from the vibrational 
levels of the Franck Condon states is greater in Na+L‘ than in the case of Li +L\ This 
supposition implies that geometrical changes are more important in Na+L' than those 
in the case of the lithium species.*
Approximate calculations published by Falk and Hofer10 predict that the C-C 
distances of the vinyl bridge in will shorten by -8.5% upon electronic excitation. The 
energy difference between the absorption and the emission maxima of this species in
^However, this hypothesis could not be verified because the energy of the 0-0 transition was not determined.
DMF was found to be 1206 cm 1. It is expected that less drastic bond length changes 
may occur in the deprotonated L' species as a consequence of electronic excitation. For 
example, luminescence data has clearly shown that the nature of the counter ion in 
Y +L does not seem to influence appeciably the excited state geometry.
Although the visible absorption maximum of the HL species is broad and 
shifted to the blue with respect to those of the Y+L' species, its emission spectrum 
resembles those of the deprotonated forms. The lack of mirror image between absorption 
and emission and the very large energy difference between absorption and emission 
maxima (3068 cm 1) demonstrate that there are substantial changes in geometry as a 
consequence of electronic excitation. An emission spectrum such as the one shown by 
Figure 25 can be explained by considering that extensive charge redistribution may 
take place upon excitation ( note that the Franck Condon excited state is represented 
as ro-Sy):
Scheme 10
c h 3 Ci h 3c
c h 3
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A set of photophysical processes that could approximately account for the 
shape and position of the fluorescence emission of HL are represented by Scheme 11:
Scheme 11
H L g y HLnV----  i>0 (a)
HLoV
5*1 ~ ^ H+Lsy (b)
H+Lc v ~ V ^ H+LS? (c)




Process (a) represents the absorption. Process (b) corresponds to an hypotheti­
cal excited state reaction (which may need a few vibrational periods) that takes place 
from the Franck-Condon vibrational state to produce a species with substantial charge 
redistribution; this vibrationally excited species undergoes thermalization (reaction (c)) 
and emits from its lowest vibrational level as denoted by (d). The last step (e) involves 
thermalization of the H+L species and loss of charge delocalization as the -vibrationally 
hot- HL molecule is formed. A method to prove these hypothetical reactions is discussed 
in Section 4.
The summary conclusion is that the HL species absorbs but the L’ species 
emits. Similar results have been observed for the luminescence of (3 -diketones.66
ii. Fluorescence Quantum Yields
The fluorescence emission intensities of degassed solutions of Y+Lr salts in 
DMSO increase in the order: K+L' <Na+L' < Li+L\ The absorbances of all species were 
nearly 0.1 and their emission intensities were compared with the fluorescence intensity 
of a 0 . 1  N H2S04 aqueous solution of quinine sulphate. The emission quantum yields of 
the complexes ZnL2 and NiL2 in EPA at 77 K are 7x1 O'3 and 3 X 1 0 " 4 respectively;15 
and the L :BF2 adduct was found to emit strongly and its quantum yield in EPA at room 
temperature was 0 . 8 2 .  The low quantum yields for the metal complexes were attributed 
to greater molecular flexibility; however, these small quantum yields may well be 
explained considering that the efficiency of the intersystem crossing St —» T; increases 
as the atomic number of the metal increases (heavy atom effect). For example, the decrease 
in quantum yields of some tetraphenyl porphyrins has been found to follow the sequence 
Cd »  Zn > Mg; this trend was found to be related to an increase in the efficiency of the 
intersystem crossing in that sequence.67,68 Moreover, the emission quantum yields of Zn 
porphyrins are one order of magnitude larger than that of ZnL2; under these circumstances 
the greater molecular rigidity of the porphyrin ring may be the cause of the larger quantum 
yield. In this work, possibly the low quantum yield obtained for K+Lr arises from strong 
spin-orbit coupling that enhances the —> Tt intersystem crossing that reduces the 
fluorescence emission intensity.
The interaction between K+ and Lr must be strong enough to account for the 
large (with respect to the other metal ions) quenching of the fluorescence intensity. Since 
DMSO is a better solvent of small cations, it is reasonable to assume that K+L could be 
a a  type contact ion pair. In conclusion two factors may explain the decrease in fluo­
rescence intensity observed in the sequence : > ^ N+L- >  ̂ +l ’ > first 1S an
increase in heavy atom perturbation, second an increase in molecular flexibility.
3 .2 .3 .4 . NMR Spectroscopy
The !H NMR spectra of the Y+L' species (Y= Li, Na, K) in D-DMSO were 
obtained and compared with those of the neutral (HL) and protonated (HZL+X ) species. 
These spectra are shown in Figures 29-33 respectively. The chemical shifts of the methyl 
groups and those of the vinyl proton of the above mentioned species are listed in 
Table 6.
The NMR resonances of the 5,5' methyl groups are markedly affected by 
coordination to the nitrogens. In the case of the Y+L' species, the upfield shift of the 
resonances of these groups correlates with the electron affinities of the counter ions: 
EA(Li+)>EA(Na+)>EA(K+). A similar trend has been observed when the methyl resonances 
of the protonated and neutral species of dipyrromethene derivatives were compared with 
those of some divalent metal complexes.4b
The *H NMR spectra of neutral and protonated porphyrins have been studied 
experimentally69 and theoretically.45 Data about the electronic structure of porphyrins 
dianions have also been published.70Since porphyrins have a relatively rigid planar struc­
ture, the observed chemical shifts have been attributed to changes in the ring currents. 
Calculations of the induced rc-electron currents in non-substituted free base, complexed, 
protonated, and deprotonated porphyrin have shown that protonation of the base in­
creases the ring current more than that in the case of complexation.45 However, depro­
tonation of the base decreases the total current along the vinyl bridge. Calculations of the 
*H NMR chemical shifts were based upon the theoretical current and charge distributions; 
protonation and deprotonation of the free base result in downfield and upfield NMR 
shifts respectively. A qualitative correlation between these calculations with
mfrm
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FIGURE 31. NMR spectrum of in D-DMSO. 8 values in ppm, downfield from TMS.
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FIGURE 32. *H NMR spectrum of HL in D-DMSO. 5 values in ppm,
downfield from TMS.
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FIGURE 33. NMR spectrum of H2L+ in D-DMSO. 5 values in ppm,
downfield from TMS. The HL species was protonated by means of CF3CO* H.
TABLE 6.‘H NMR Chemical shifts ( 5 in ppm downfield from TMS) of free base, protonated, and some 
deprotonated derivatives of hexamethyldipyrromethene (HL). The free base was protonated by means of 
CFjCOjH. TMS and DMSO were used as internal standards. The solvent was D-DMSO and the temperature 
of the solutions was 20 °C.
RESONANCES
SPECIES Chemical shifts relative to HL
HL Li+L‘ Na+L‘ K+L- -Aiy* A uV A  Na+L' A k+l-
5,5'-CHj 2.454 2.224 2.145 2.098 2.075 0.230 0.097 0.126 0.149
4,4'-CHj 1.982 1.875 1.849 1.845 1.826 0.107 0.026 0.030 0.049
3,3'-CHg 2.303 2.074 2.040 2.036 2.019 0.229 0.034 0.038 0.055
Vinyl-H 7.386 6.711 6.625 6.618 6.599 0.675 0.086 0.093 0.112
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porphyrins and the present study of dipyrromethenes will be shown.
The NMR characterization of hexamethyldipyrromethene complexes usually 
involve geometrical considerations. For example, the upfield shift reported for the 5,5' 
methyl resonances of the zinc complex (ZnL2) was explained by considering that these 
methyl groups were placed in the shielding zone provided by the methyl groups.37 On 
the other hand, the shielding effect of the 5,5' methyl resonances in metal complexes of 
4,4'-dicarboxyethyl-5,5',3,3' -tetramethyldipyrromethene (compared with those of the 
free base) has also been explained by considering the geometrical arrangement of the 
ligands.4* In this study, the variations in the resonances of the 5,5’ methyl groups, in the 
Y+ Lf species are an indirect result of the electron affinities of the cations and, possibly, 
a result of changes in the dihedral angle between the pyrrole rings (because of the size of 
the cation).
The NMR chemical chemical shifts that the vinyl group proton experiences 
are more difficult to explain. It is clear that upon protonation of the free ligand there is a 
dramatic charge redistribution throughout the molecule; this charge reorganization results 
in a decrease of the electron density on the vinyl carbon so that this carbon becomes more 
electronegative. Comparison of the NMR spectrum of the ZnL2 species with that of the 
free base shows that chelation has caused a deshielding of this proton .This deshielding 
has been attributed to the presence of a coordinate bond that has significant covalent 
character. As a result of the formation of these bonds, the chelate ring become more 
aromatic with respect to the free base.38
In porphyrins and some dipyrromethene derivatives no deshielding of the 
resonance of the vinyl proton has been observed to occur as a result of chelation.38 In this
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investigation, the NMR resonances of the vinyl proton in the Y+L' species are shifted 
upfield with respect to that of the HL species. Does this shift means that the salts are less 
aromatic than the free base? It was previously stated that the shape, position, and intensity 
of the visible absorption bands of the Y+L' species were indications of charge 
redistribution. It is suggested that the carbon to which the vinyl proton is bonded becomes 
less electronegative when a negative charge is partially delocalized.
The interaction between Y+ and the nitrogens in the Y+L' species is expected to 
deepen the electrostatic potential around the nitrogens. For example, it is possible that 
the interaction between Li+ and L  will enhance the nitrogen's electronegativity more than 
the interaction between K+ and L  does. The less electronegative the nitrogens become, 
the more shallow the potential minimum in their zone will be; then, the large upfield shift 
of the 5, 5' NMR resonances in the K+L' species (with respect to those in Li+L ) 
demonstrates that in this molecule carbon 5 become less electronegative; a decrease in 
electronegativity of a pyrrolyl carbon decreases the magnitude of the bond
3 2
polarization H 3(?P —» C?P Since upon deprotonation there is charge redistribution 
throughout the whole molecule the same argument can be used to explain the trend 
observed for the chemical shift variation of the vinyl protons in the series Y+ L\
Table 6 also display the chemical shift variations of the methyl and the vinyl 
protons of the protonated and deprotonated forms of HL with respect to those in the 
neutral species. These data shows that the chemical shift variation of the vinyl proton, 
in relation to that of HL, is larger in the case of F^L* (downfield shift) than in the case 
of the L" species (upfield shift). The reason for this difference arises from the strong 
interaction between H+ and the tertiary nitrogen in HL which produces a new sigma bond; 
if resonance structures are drawn for the species L and H2L+ it can be shown that while
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in L' no structure with a negative charge in the vinyl carbon exists, in the species 
there is a structure with a positive charge on the vinyl carbon.
Deprotonation of molecules that produces a highly stable anion can be 
achieved by using alkali hydroxides. For example, anions such as enolates can be 
obtained by neutralizing enols with NaOH/CH3OH solutions. Cation exchange reactions 
have been reported in the case of acetylacetonates.71 In these reactions NMR data 
suggest that there is an increase in the concentration of the chelated form of Na(acac) 
upon addition of excess of a Nal/MeOH solution to a MeOHZNa(acac) solution. A more 
dramatic increase in the amount of chelated acac was found when a Na (acac)/MeOH 
solution was titrated with a LiC104/Me0H solution:
Scheme 12
Cation exchange reactions such as the one depicted by Scheme 13 have a 
dramatic effect on the NMR chemical shifts of the methyl groups. The two methyl group 
NMR signals in the E, Z form (non-chelated open form of acetylacetonate) disappear as 
a new peak grows downfield. Specifically, the methyl NMR signals at 1.89 and 2.27 ppm
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present in the non-chelated form disappear to show a single peak at 1.80 ppm; the 
single peak corresponds to the chelated form of Na(acac). However, exchange of Na+ 
by Li+ does not seem to shift the methyl group resonance; or at least no indication of 
the effect of the counter ion on the position of the NMR peak in the Z,Z form was given. 
The observation of a single peak in the NMR spectrum of a Na(acac) solution that 
contained 2..25 equivalents of LiC104 suggest that almost complete chelation was 
achieved. From these experiments it was concluded that, in methanol, the amount of 
chelation decreased with increasing ionic radius of the metal ion; Li+ >Na+ >K+.
In the case of fluorenyl alkali salts, a shift to lower field in the sequence 
K<Na<Li for protons 1 and 8 has been found. These shifts were interpreted to be result 
of increasing probability of formation of contact ion pairs as the size of the cation 
decreases.72 However, in order to elucidate the nature of the cation-anion interaction the 
chemical shift of the cation can give important information. The probability of forma­
tion of contact ion pairs is expected to be larger in azaaromatic systems; a few examples 
will be discussed in the following paragraphs and the data will be discussed in connection 
with the NMR information obtained for hexamethyldipyrromethene alkali salts.
Proton NMR data for alkali ion indole derivatives (Y+Ind ) show a trend that 
is more difficult to rationalize. For example, *H NMR chemical shifts o f7.11,7.35,7.48, 
and 7.39 ppm for proton 2 in indole, and its indolyl Li, Na, and K alkali ion derivatives, 
respectively, have been reported.73
(9)
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On the other hand, upfield chemical shifts for proton 3 were found for both 
indole derivatives and 2,5 methyl indole salts when the solvent was THF. From con­
sideration of the NMR shifts of proton 2 of the indole derivatives the authors concluded 
that while the lithium salt constitutes a solvent-separated ion pair, the sodium and 
potassium species are contact ion pairs. In a more complete and accurate work that 
included 7Li+ NMR, approximate 7t-electron SCF-MO calculations, and absorption and 
fluorescence spectra at various temperatures of the compounds in various solvents it was 
established that in THF Li+ is coordinated to the nitrogen lone pair of indolyl anion to form 
a ct -complex.62 As it was previously stated, the type of interaction between an alkali 
metal and an aza-aromatic anion will be determined by the competition between the 
it -system and the lone electron pair of the nitrogen of the heterocyclic for the cation. 
Since the dipolar field of a lone electron pair falls off more rapidly with distance than the 
monopolar one of the it -system, a small cation such as lithium will show tendency 
to form contact ion pairs of c*type (a-complex) rather than 7t-type contact ion pairs 
(it -complexes).
Reinecke et al did not report changes in the NMR resonances of the methyl 
group hydrogens at position 2 in 2,5 dimethylindolyl derivatives.73 It can be speculated 
that they found little or no change of the resonances of these protons as a consequence of 
deprotonation of 2,5-dimethylindole. Upon formation of the Li, Na, and K salts the NMR 
shifts of proton 3 were 0.13, 0.00, and 0.11 respectively; in the case of the salts of 
hexamethyldipyrromethene the shifts corresponding to the 5,5' methyl groups were
0.097, 0.126, and 0.149, in the same sequence. The data show that, in general, 2,5 
dimethylindolyl derivatives experience less drastic chemical shifts than those in the 
case of the Y+L' species; these differences, however, are less important when the vinyl 
hydrogen chemical shifts of Y+L+ (instead of the methyl hydrogens) are used for
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comparison (note that while in 2,5-dimethylindole ring current changes are indepen­
dent of the molecular geometry, in Y+L' these changes depend on the molecular 
geometry).The dependence of the ‘H NMR chemical shifts of alkali salts of carbazole 
anion upon both cation and solvent has been investigated.74 For example, while protons
1,8 of the anions in THF experience a downfield shift, an upfield shift for protons 2,7, 
3,6 and 4,5 is observed. In addition, while the anions are in THF the NMR shift increases 
in the order Rb, K, Na, when DME is the solvent the shift follows the sequence Li, Na, 
K. When the compounds are in THF the shielding of the protons is proportional to the 
polarizability of the cation, but when they are in DME the opposite effect is observed; the 
observation of a large shielding of the protons in carbazolyl anion in DME when Li and 
Na were the cations led the authors to conclude that in this solvent these species form 
predominantly solvent separated ion pairs.74 (The larger the distance betwen cation and 
anion the less distorted the negative charge of the anion becomes)
In general, in a particular solvent the smaller the molecule the greater is the 
tendency to form contact ion pairs. Also, for a particular anion the greater the ability of 
the solvent to interact with cations the greater is the tendency towards forming solvent 
separated ion pairs. For example, indenyl anion (InH ) has a greater tendency to form 
contact ion pairs than does fluorenyl;63 in fact, in fluorenyl the negative charge is 
redistributed over a three ring system. Similarly, it would be expected that indolyl will
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show a greater tendency to form contact ion pairs than does carbazole, but carbazole will 
tend to form contact ion pairs in solvents such as THF.74 Moreover, while in fluorenyl 
alkali salts k -type complexes predominate (i.e.the cation appears to be associated with 
all the carbons in the anion), in carbazole nitranions NMR data suggest association 
between the cation and the nitrogen.74
Analysis of the NMR data for aromatic heterocyclic compounds when the 
solvent is DMSO shows different variations. It is expected that cations that have a larger 
charge to radius ratio will be bonded more covalently to the anionic centers. Since DMSO 
has a negatively polarized oxygen available for coordination it will show enhanced coor­
dination power towards alkali metals50 (although less than HMP which has a higher donor 
number7S). It is then expected that both solvent separated and/or free ions will be present 
in solution. For example, the variation of chemical shifts of proton 2 upon formation of 
indolylanion-alkali metal ion-pair were reported to be 0.03 and 0.01 ppm for the sodium 
and the lithium species repectively. In the case of proton 3, these shifts were 0.33 and 0.29 
ppm respectively.76 These extremely small upfield shifts (the experimental error was 
±0.02 ppm) led the authors to conclude that indolyl sodium and lithium salts exists mostly 
as solvent separated ion pairs.76 In the case of hexamethyldipyrromethene anion it is 
difficult to determine the type of cation-anion interactions present without additional 
information such as solvent and temperature effects on the 'H  NMR spectra and 
temperature effects on the visible absorption spectra. However, considering the proton 
NMR data alone, since the magnitude of the NMR shift decreases noticeably from 
methyl protons 5,5' to methyl protons 3,3' and since no splitting of the NMR peaks is 
observed, one might suggest that the cation interacts symmetrically with the nitrogens. 
The observation that in indenyl-lithium formation oft -type contact ion pair results in 
chemical shift displacements which are approximately equal for all protons64*-72 can be 
used to conclude that the Y+L" probably are examples bridging o  -type complexes.
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3 .2 .3 .5  ’Li NMR Spectroscopy
i. Introduction
Direct metal cation NMR is a powerful technique for differentiating between 
the types of ion-pairs formed.61 Among the alkali metals, 7Li is the most sensitive to NMR 
detection.77 Chemical shifts measurements for 23Na and 39K are less promising because of 
their larger linewidths and lower intensities.62
According to the ring current theory, a cation in a it -complex is shielded in 
comparison with a free cation; however, a cation in a a-complex is deshielded.62 The 
shift of the 7Li resonance is then dependent on the anion, the solvent, and the temperature. 
The nature of the anion will determine the type of ion-pair formed (a or it) while the effect 
of the solvent (or temperature) will account for the formation of a contact or a solvent- 
separated ion-pair. While the 7Li NMR chemical shifts of systems that form it -type contact 
ion pairs do not seem to change appreciably with the solvent, those of it -type solvent- 
separated are rather solvent dependent. For example, the chemical shifts of lithium 
cyclopentadienyl (11) are relatively constant (~ 8 ppm; with respect to an external
aqueous 1.0 M LiCl solution) when the compound is in Et 20 , THF, DME, and diglyme; 
when it is inHMP this shift drops to 0.88 j77'78 fluorenyl lithium, however, shows 7Li
114
NMR shifts of 6.95,2.08,3.06, and 2.54 when fluorenyl ion in the series of solvents 
Et 20 , THF, DME, and diglyme respectively but when it is in HMP a shift of 0.73 was 
reported.77 The data indicate that, in the first four solvents, cyclopentadienyl forms 
7t-type contact ion pairs but fluorenyl appears to form a contact it -type ion-pair in ether 
and a solvent separated 7t-type ion pair in the last three solvents. The rather small shifts 
for the compounds in HMP were tentatively explained by arguing that Li+ may only 
contain solvent molecules in its first solvation shell.77
While 7t-type contact ion pairs exhibit 7Li NMR chemical shifts of 7 to 9 ppm, 
a  -type contact ion pairs display a downfield shift of about 1.0 ppm. For example, the 
7LiNMR chemical of indolyl lithium in MTHF, THF, and DME respectively have been 
reported to be 0.55,0.47, and 0.16 relative to an external 1.0 M aqueous LiCl solution; 
however, the 7Li shifts of of carbazolyl lithium display a downfield shift of 0.71 and 0.62 
in MTHF and THF respectively.62 The data prompted the authors to conclude that Li+ 
forms a a  -type complex with the nitrogen lone pair. The smaller magnitude of the 
deshielding when the solvent is, for example, THF was attributed to a better external 
solvation of the cation.62
i i.7 Li Chemical Shift of a DMSO Solution of L i+ L'
Figure 34 compares the 7Li NMR chemical shift of a DMSO solution of Li+L' 
to that of a 0.4 M aqueous LiCl solution that was used as an external reference (top)and 
with that of a DMS O/LifCHjSOCHj]' solution. The Li+L' species was obtained by 
reaction of LiH with HL in DMSO. It was found that although the magnitude of the 
reaction between DMSO and LiH is negligible at room temperature the hydride can 
readily deprotonate HL in this solvent. The NMR signal of the cation in Li ^CH^SOCH,]'
>*v»W»Vi
FIGURE 34. 7Li NMR spectra of the following lithium salts: (A) A 
0.4 M aqueous solution of LiCl (external standard). (B) A DMSO 
solution of Li+[CH 2 SOCH3 ]'. (C) A DMSO solution of L i+ L".
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could only be obtained when a LiH/DMSO mixture was warmed (a stream of bubbles was 
the indication of the release of Hj).
The large downfield shift of 1.66 ppm, relative to the external 0.4 M aqueous 
solution allows one to conclude that Li+Lr exists as a a  contact ion pair (or bridging 
complex) in DMSO. The magnitude of the shift seems to indicate that Li+ is strongly 
deshielded by the ring currents of the pyrrole rings in L\
(12)
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3 .2 .3 .5.13C NMR Spectroscopy
i. Introduction
Carbon 13 NMR can give good experimental evidence for 7t-electron density 
differences in charged systems.79 The major advantage of 13C NMR spectroscopy to 
help characterize organic molecules is that the chemical shifts cover a range in ppm that 
is about 20 times larger than those for NMR. Moreover, shifts due to magnetic 
anisotropy and ring current effects are less important because those shifts rarely exceed 
1 ppm. In 13C NMR the relative carbon shielding variations are less dependent on changes 
in ring currents and are more reliable and sensitive probes for the charge density 
fluctuations that are induced.80 In the case of carbanions, information about the position 
of the cation can readily be obtained; it is believed than in species such as Is (aza- 
aromatics) the position of the cation could also be inferred from carbon 13 NMR data. 
Since the 13C chemical shifts are related to the charge densities in the carbons, it is 
expected that deprotonation would cause appreciable shifts in the spectra.79
Spectroscopic differences between the spectra of the Y+L" species were found, 
but the assignments of these resonances are still relatively uncertain. Table 7 shows data 
from the 13C NMR spectra of Y+L/DMSO solutions. Data from the 13C spectrum of the 
free base HL are included as references. The 13C chemical shifts are more difficult to 
rationalize without additional data from standard decoupling procedures or detailed 
comparisons with data from related systems. In the next section, a literature review that 
contains data useful for the assignment of the 13C NMR results for the Y+L  is presented.
Data relative to the effect that methyl substitution has on the 13C NMR
C A R B O N N U C L E U S
SPECIES A B C D E F G H
HL 13.209 135.155 114.190 8.236 132.380 149.909 121.954 8.469
Li+L- 14.800 134.911 119.475 8.958 132.704 153.028 120.504 9.142
Na+Y- 15.168 135.169 119.071 8.995 133.441 152.884 120.761 9.252
K+L- 15.012 135.244 118.825 9.135 133.004 152.816 120.991 9.412
TABLE 7. 13C NMR data for free base (HL) and alkali salts of hexamethyldipyrromethene. The solvent was DMSO and the
solutions were at room temperature. The 13C peaks were referenced to that of the solvent (39.5 ppm downfield from TMS).
Assignments are tentative and were obtained by comparison with those for similar pyrrole substituted compounds. Carbon atoms
are labeled in bold type. jj
H3C.H
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resonances of cyclopentene cation are shown by (13).81
‘^ 3 h 3c - ^ 3 <13)
2 2
Cj~236, C3~236 Cr 262, C3~219
The downfield shift observed in the 13C resonances of carbon 1 upon methyl 
group substitution shows that this group deshielded the positively charged carbon atom 
attached to it.81 More interesting variations in 13C chemical shifts are observed in the 
spectra of aromatic heterocyclic systems. In neutral pyrrole, methyl substitution at 
postitions a  and Pto the nitrogen shifts the 13C NMR resonances of the quaternary ring 
carbons from 118.5 to 125.7 ( a  ) and from 108.2 to 113.7 ( p ).82-83 An upfield 13C shift 
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Neutral and deprotonated pyrrole molecules are shown below (15); it -electron densities 
are given while the numbers in bold type refer to it bond orders. Deprotonation of
0.268 . pjg 0.294 1.18Q
0.382 / 4 3\ 0342,M2{ Q \u
0.234
£  2^1.115 1.159 (!5 )
H
pyrrole shifts the l3C resonances at positions 2, 5 from 119 to 128 ppm and those at 
position 3,4 from 109 to 107 with respect to TMS. In order to rationalize these results, 
general details about the 13C chemical shift theory will be summarized next.
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ii.13C NMR Chemical Shifts
The total shielding constant s for a particular nucleus can be approximated by 
a sum of three terms:84
in which Gd accounts for local (unhindered) circulation of electron density around the 
nucleus induced by the applied field B0.85 The resultant intramolecular field opposes B0 
so that a shielding of the nucleus occur. This od term in inversely proportional to the 
distance between the nucleus and the circulating electrons. Because s orbitals are on the 
average closer to the nucleus they will cause a stronger shielding than the p electrons; 
for atoms with only s electrons such as hydrogen, Gd is the dominant shielding term.85
electronic density of the neighboring group, the symmetry of that density, and its 
orientation relative to the nucleus being observed).86* If the component of the magnetic 
field due to a neighboring or distant group is very small relative to Gp it can make 
a significant contribution to ‘H shifts.86*In the case of heavy nuclei, the major contribution 
to the screening constant is determined by variations in op, 86b
in which the constants e, h, and m are the charge of the electron, the Planck constant,
a  =  o . +  a  +  g nd p
The term labelled as g n accounts for the fields arising from electronic circula­
tion around the atoms surrounding the observed nucleus (i.e. this term depends on the
87t2c2m2AE
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and the speed of light, respectively; A E is the average of the electronic excitation 
energies, that is approximately the energy difference between the ground state 
and the lowest energy singlet excited state. This electronic excitation energy provides 
a measure of the ease with which excited states can be mixed with the ground state because 
of a magnetic perturbation;81 •82c < r^ >  is the average value of the inverse cube of the 
distance from the nucleus to the valence p electrons, and Q;j is a measure of the n bond 
character of the bonds to the nucleus.86®
The excitation energies refer to excited singlet states which are mixed with the 
ground state by means of the applied magnetic field. The nature of these excited states 
and the ease with which they can be mixed with the ground state affect the extent to which 
a paramagnetic circulation of electron density can occur in a magnetic field. For example, 
if the highest occupied molecular orbital (HOMO) involving a particular nucleus is a 
nonbonding orbital and the lowest occupied molecular orbital (LUMO) is a n* orbital, 
the energy difference between these levels is relatively low and the it* orbital can mix 
with the nonbonding orbital in a magnetic field. 86cThe result is a flow of electron density 
that will produce a paramagnetic field at the nucleus; the upfield shift of the a  -carbons 
13C NMR resonances observed upon protonation of pyridine is a result of an increase in 
the average electronic excitation energies because protonation changes a n*  <—n transi­
tion for a n*4— 0  transition. There are difficulties in determining A E values is because 
of the lack of detailed information about excited states in most polyatomic molecules.88
The A E term can also explain the observation that sp2 carbon 13C resonances 
occur about 100 ppm downfield from those of sp3 carbons. Differences in
2 3
electronegativities ( sp En > spEn; En = electronegativity) cannot explain these large 
deshielding effects. This effect is the result of differences in A E between these two types 
of carbons; for example although in alkanes the HOMO-LUMO energy gap is too large
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to permit a magnetically allowed k * <— n  transition, alkenes have a higher energy 
it molecular orbital (HOMO) and a transition of reasonably low energy is allowed 
magnetically.860
The term Q„ increases with the amount of it character. Variation in spin 
pairing (bonds orders) in the various orbitals can produce significant changes in the 
paramagnetic shielding term.88 This variation is particularly important for changes in 
C-N bonds orders when a nitrogen lone pair is protonated or a pyrrol type nitrogen is 
deprotonated. For example, upon protonation of pyridine, charge redistribution 
decreases the double bond character of the C -N bonds which results in a smaller 
Q.. and, consequently, a shielding of the a  carbon nucleus.89 Moreover, a partial positive 
charge in pyridinium causes a decrease in r. (orbital contraction) which leads to an increase 
in op. In conclusion, the three factors AE, <r2p> , and Qij play a role in the upfield 
shift observed for the a carbons in pyridinium with respect to those of pyridine.81,89
The reason for the downfield shift of the 13C resonances of carbons 5 and 2 in 
pyrrole anion may also be a combination of the three factors above mentioned. As shown 
by (15) there is an increase in the C-N bond order upon deprotonation of pyrrole; this 
increase in bond order increases the paramagnetic portion of the magnetic shielding.
iii. 13C NMR Chemical Shifts Assignments for HL and the Y+L‘ Species
The 13C NMR spectra of DMSO solutions of HL, Li+L \ Na+L', and K+L' are 
shown in Figures 35,36,37, and 38 respectively. Probably a good method for assigning 
the 13C NMR chemical shifts observed for HL would be by direct comparison with data 
published for analogous molecular systems. Although after an exhaustive literature search 
no data could be found with regard to 13CNMR chemical shifts of either
5
FIGURE 35 .13C NMR spectrum of HL in DMSO. Chemical shifts (8 in ppm) downfield from TMS.
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FIGURE 36 . 13C NMR spectrum of Li+ L in DMSO. Chemical shifts (5 in ppm) downfield from TMS.
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FIGURE 37 . 13C NMR spectrum of Nsf t  in DMSO. Chemical shifts (8  in ppm) downfield from TMS.
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FIGURE 38 . 13C NMR spectrum of K+Lr in DMSO. Chemical shifts (5  in ppm) downfield from TMS.
i-*too\
127
substituted dipyrromethene -structurally similar to HL- or dipyrromethene metal com­
plexes, the 13C NMR spectra of some metalloporphyrins and that of 3,3', 5,5' tetramethyl 
4,4' diethyl ester dipyrromethene were found.
The identification of the resonances of the methyl groups resonances is 
relatively easy. It was previously mentioned that sp3 carbons resonate about 100 ppm 
upfield from sp2 carbons because of the large differences in electronic excitation energies 
between these two types of carbons. The carbons labelled as A (see Table 7) are the ones 
that show a signal between 13 and 15 ppm; the position of this shift -in relation to the 
resonances of carbons D and H- is a result of their proximity to the nitrogen (neighboring 
group effect). The assignments of the 13C resonances of carbons D and H ( between 8 and 
9 ppm) are more difficult and would require comparison with other molecular systems 
or additional measurements (i.e. decoupling experiments). Unfortunately, the only com­
pound available for comparison (3,3' ,5,5' tetramethyl 4,4' diethyl ester dipyrromethene) 
contains substituents that may alter the 13C NMR resonances of the 3,3' and 5,5' methyl 
groups with respect to those in HL.90 However, there seems to be some relationship 
between the *H NMR resonances of the methyl groups in HL and their 13C NMR 
resonances; for example, in HL the *H and 13C resonances of the methyl protons and 
carbons 5,5' are shifted downfield with respect to the same resonances in groups 4,4' and 
3,3'. In a first approximation it will be supposed that the position of the 13C NMR 
resonances of the methyl carbons is related to the position of the *H NMR resonances of 
the methyl groups; this assumption implies that both types of NMR resonances are in this 
case somehow related to the electron density on the methyl carbons. For example, both 
types of NMR resonances of the methyl groups 5,5' are observed downfield from those 
of methyl groups 3,3' and 4,4' because the groups 5,5' are closer to the nitrogens; if the 
*H NMR resonances of protons 3,3' are downfield from those of protons 4,4', it is believed
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that carbons 3,3' are slighly more electronegative than carbons 4,4s so that the 13C NMR 
resonances of carbons 3,3s would be located slightly downfield from those of carbons 
4,4s. In conclusion, carbons labelled as H ( 3,3s) will be the ones that resonate at 
8.469ppm in HL while those labelled as D resonate at 8.236.
The assignments of the 13C NMR resonaces of the ring carbons and those of the 
vinyl carbon have been made by comparison with relatively analogous systems. It is clear 
that those carbons that are closer to the pyrrolyl nitrogens would be the ones with the 
largest downfield shift (with respect to the standard TMS). The I3C NMR resonances of 
the quaternary carbons of chlorophyl (i.e. pyrrolyl carbons carbons F in HL) a  in relation 
to the nitrogens have been observed between 140 and 150 ppm ;91 in Zn(II) coproporphy­
rins the 13C NMR resonaces of carbons a  to the nitrogens were reported at 147-148 ppm 
downfield from that of TMS while those of quaternary carbons (3 were observed around 
136-138 ppm.92 Considering these data alone, the peak observed at 149.909 in HL was 
assigned to carbons F and the peak observed at 135.155 was assigned to carbons B. 
In HL there are two types of quaternary carbons p that have a chemical environment 
relatively similar to that of the quaternary carbons P in porphyrins: the carbons 
labelled as E; by analogy, it has been supposed that the 132.380 ppm signal in HL 
corresponds to that of carbons E.
The downfield shift observed for the resonances of carbons F in HL, with 
respect to those in Y+L\ seems to be directly related with the decrease in the energy of 
the 7t*«-7t transition; this energy decrease enhances the probability of mixing 
between these two states in the presence of a magnetic perturbation. The largest shift 
occurs in the Li+L' species which is the one that shows an absorption maximum 7 nm to 
the red of the absorption maximum of the Na+L' species.
129
The 13C NMR resonances of the vinyl carbons have been reported to be located 
between 96 and 100 ppm in various free base and porphyrin compounds.860-93 The 
extremely large upfield shift of these resonances with respect of those observed for 
standard olefinic compounds (120-150 ppm) has been explained to be the result of a 
shielding resulting from conjugation in the 16 member ring of these systems.93 This 
shielding is the result of an increase in bond order because of an increase in conjuga­
tion. 860,93 For example, data on the 13C NMR spectra of free base 3,3' 5,5' tetramethyl- 
4,4' diethylester dipyrromethene show that the vinyl carbon in the free base resonates 
-20 ppm downfield with respect to the same carbon in the analogous porphyrin ring 
system; this difference was explained to be the result of a reduced resonance interaction 
between the two pyrrole rings in the free base.90 Although the inherent planarity of 
porphyrins explains the upfield resonance of the vinyl proton, in HL and its alkali 
derivatives various degrees of molecular planarity and, therefore, of conjugation are 
possible; it would be reasonable to expect that the 13C NMR resonance of the vinyl carbon 
in HL would be similar to those found in olefins. A resonance value of 121.954 ppm for 
the vinyl carbon in HL is consistent with the asumption that no substantial bond order 
changes are expected for the vinyl bridge carbon as a consequence of deprotonation; the 
upfield shift observed for the resonance of the vinyl carbon as a consequence of 
deprotonation shows that an increased shielding takes place; this shielding reaches its 
maximum value in the case of Li +L‘ probably because the planarity of this species 
allows a better resonance interaction between the pyrrole rings.
A tentative assignment of the 114.19 ppm resonances in HL to those of 
carbons C is made in this work; a drastic decrease in bond order (between carbons C and 
B) as a consequence of deprotonation may be the cause of the downfield shift that is as 
large as of -5  ppm; this effect is larger in the case of Li+L' because in this species a better 
charge redistribution is expected.
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3.2 .3 .7 .  Infrared Spectroscopy
The FT-IR spectra of DMSO solutions of HL, L i+ L\ Na+L\ and K+L \ 
are shown in Figures 39,40, 41 and 42 respectively. Table 8 shows how the skeletal 
vibrational mode of the pyrrole rings of these species varies. These data are compared 
with the vibrational frequencies of some ML2 metal complexes reported in the literature. 
The N-H stretch (usually in the region 3300-3400 cm 1) is obviously absent in the spectrum 
of K+L '; however, the presence of water has obscurred this spectral region oftheHL 
spectrum and made it impossible to observe the N-H stretch. Some of the vibrations were 
assigned by comparison with FT-IR spectra of free base alkyl substituted porphyrins.
The energy decrease in the skeletal vibrational mode of the dipyrromethene 
moiety of the ML2 species shown in Table 8 has been associated with the metal 
coordination.37,39 The degree of charge redistribution in the complexes has been 
associated with the magnitude of the shift that this vibrational band experiences upon 
formation of the complexes. The metal ligand stretching bands in these species were 
found in the 300-400 cm'1 region; it was found that these frequencies were 371,369, and 
353 cm'1 for the CoL2, NiL2, and CuL2 complexes respectively.37 This trend shows that 
the cobalt complex is the most stable and is the species that has the greatest charge 
redistribution. If a similar analysis is used to explain the variations of the skeletal mode 
in the series HL, Y+L', it could approximately be true that a) the stretching mode of the 
dipyrromethene moiety has been weakened because of alkali metal coordination, and b) 
the weaker coordinate bond probably is that of K+L '. However, the low resolution of the 
FT-IR instrument available (4 cm 1) and its limited spectral coverage (4000 to 400 cm 1) 
made it impossible to obtain: either a) strong evidence to prove that there was alkali metal 
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FIGURE 40. FT-IR spectrum of a DMSO solution of Li+ L‘.
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FIGURE 42. FT-IR spectrum of a DMSO solution of K+ L.
SPECIESt v (cm 1) SPECIES5 v (cm 1)
HL 1614 HL 1608
Li+L- 1601 CoL2 1590
Na+L- 1601 NiL2 1593
K+L* 1603 CuL2 1595
TABLE 8. Vibrational frequencies of the skeletal stretching 
mode of some hexamethyldipyrromethene derivatives, 
f  Data from this work. FT-IR spectra recorded with samples in 
DMSO solution that were at room temperature.
§ Data from reference 37. Solid state spectra (KBr disk).
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3 .2 .3 .8 . Nuclear Overhauser Enhancement
Suppose that a molecular system has two nuclei (S and I) relatively close in 
space and a strong decoupling field is applied to S.94,95 As a consequence of the decoupling 
the irradiated nucleus will stimulate an alternative relaxation path for nucleus I which will 
increase the population of its lower states. The increase in population is manifested in an 
enhancement in the signal intensity of I . In order for the effect to occur the spin lattice 
relaxation of I must be governed by dipole-dipole interactions with S.95,2215 This effect is 
the well known Nuclear Overhausser Enhancement that is widely used to obtain a) en­
hancements of signals from low sensitivity nuclei such as 13C,23b and, b) the study of the 
dipolar mechanism for spin-lattice relaxation which will yield information about inter- 
nuclear distances,97̂  proton NMR resonance assignments to help elucidate complex mo­
lecular structures.94,95,96197
Since the effect corresponds to a short range interaction that is proportional to 
r 6 (being r the distance between the interacting nuclei)94,96 it has been used in this 
investigation to help to elucidate the degree of planarity of the Y+L' species. The NOE 
difference technique involves alternate recording of normal and NOE enhanced spectra 
and automatic computer- assisted subtractions of the normal from the enhanced signals. 
After a few acquisitions, the sum of the NOE difference spectra is recorded. This 
procedure results in the elimination of all peaks which do not show any enhancement, 
and only those peaks which have undergone some increase (or decrease) will be recorded. 
A control experiment consists of the simultaneous irradiation of a spectral zone in which 
no NMR signal is observed and the irradiation of the signal of interest ( in this experiment, 
the signal of interest if that of the vinyl proton). For example, in a 'H-'H NOE difference 
spectra of the neutral ligand saturation of the vinyl signal is done by storing
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this frequency (6.62 ppm) in the computer and, simultaneously, a second frequency 
chosen as a reference or blank is stored; this arbitraiy second frequency could be, for
example, 7.1 ppm since none of the hydrogens of the HL species resonate at this 
frequency. As soon as the saturation of the vinyl proton has been accomplished, 
subtraction of the normal from the NOE enhanced spectrum gives the NOE difference 
spectrum. In the case of the HL species or its alkali salts, a negative enhancement of the 
3,3s methyl signal is observed because of the proximity of these hydrogens to the vinyl 
hydrogen. The measured NOE signal of a single species will constitute an average of 
those signals from all possible conformers; however, if there is an equilibrium in which 
two species that show resolvable differences in their NMR spectra participate, 
saturation of a signal from one of these species will enhance the corresponding signal 
intensity in both species ( i.e. in this case saturation of the vinyl hydrogen of only one 
species would produce a NOE difference spectrum that will show the 3,3' methyl signal 
corresponding to each one of the participating species).
Quantitative studies of NOE differences are difficult to obtain. Several factors 
need to be controlled; for example, this effect depends on the concentration of the 
solutions and on the presence of paramagnetic species.23*1244 A study was done with the 
species HL and its alkali salts, and a possible trend in the anion behavior is discussed next.
-H
(16)
H3C c h 3
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Figures 43,44,45, and 46 show the NOE difference obtained for the HL and 
the Y+L' (Y= Li, Na, K) species respectively. According to the spectra the methyl groups 
at positions 3,3' (which are closer to the vinyl proton) show a negative NOE response. 
The ratio between the areas of these peaks (Aj corresponds to the area of the vinyl signal 
while A2 is the area of the 3,3' methyl groups) is shown in Table 9. The Aj/A2 ratio 
decreases as the interacting pairs ( H—CHj) come closer to each other because the NOE 
signal from the 3,3' methyl groups (quantified by A2) grows. Two possibilities need to 
be considered in order explain the results; first, if all the Y+ L‘ species have the same 
nearly planar geometry, the strongest interaction would be that in the K +L  chelate 
since the presence of this large metal between the nitrogens may shorten the distance 
between the vinyl proton and the 3,3'methyl groups (case 1 in Scheme 13; the nitrogen 
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FIGURE 43- NOE difference spectrum (top) of a HL/D-DMSO solution. 
The vinyl proton of HL was irradiated. Chemical shifts (8) downfield from 
TMS.
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FIGURE 44. NOE difference spectrum (top) of aLi^L /D-DMSO 
solution. The vinyl proton of Li+L' was irradiated. Chemical shifts (8) 
downfield from TMS.
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FIGURE 45. NOE difference spectrum (top) of a Na' L" /D-DMSO 
solution. The vinyl proton of Na+L was irradiated. Chemical shifts (8) 
downfield from TMS.
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FIGURE 46. NOE difference spectrum (top) of a K*" L" /D-DMSO 








3.49 ± 0.2 
2.53 ±0.3 
2.93 ±0.3
T A B L E  9. Results of NOE difference spectroscopy for a 
series of dipyrromethene derivatives. A x represents the area 
of the irradiated peak (vinyl proton) and corresponds to the 
area of the enhanced resonance (3,3' methyl groups)
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However, according to the visible absorption data available for these species, 
the lithium salt must be the more planar while the potassium salt must be relatively 
distorted from planarity. Then case 2 would more appropriately describe the geometry 
expected for the K+ L' species, while the Li+L' salt would be represented by case 1. The 
relatively large ratio for Na+L" may indicate that this species retains some
planarity in the sense of case 1; then, it is expected that the shortest H— CR, distance 
in the HL, Y+ L‘ series would be that in the Na+L' species. The strong interaction of L i+ 
with L' makes possible a more efficient redistribution of charge within the molecule; the 
efficient charge redistribution in this species compared with that in the sodium chelate 
may explain the 7 nm shift to the red in the Li+ L species (with respect to the Na+L' 
band maximum position). Note that less redistribution of charge in the case of the sodium 
salt would shift the NMR resonances of the (particularly) 5,5' methyl groups upfield; and 
an upfield shift is the observed behavior; this upfield shift occurs in this case because 
the excess electronic density in Is would be redistributed to the neighborhood of the 
nitrogen atom.
It has been possible to obtain evidence for species in equilibrium by means of 
this of technique. Figure 47 shows the NOE difference spectrum of a D-DMSO/HL 
solution in which nearly equal amounts of LiCl and NaH were added. Although the vinyl 
signal saturated was that of the Li+ Is , the difference spectrum shows the vinyl signal 
of both the Li+L‘and the Na+L' species. Similarly, the enhanced signal of the 3,3'methyl 
groups of each of these species are clearly visible in the NOE difference spectrum. The 
NMR signals of the vinyl proton in the lithium and sodium salts are sufficiently separated 
to allow selective saturation of one of them.
When a similar experiment was done with a mixture of Na+L' and K+L\ the
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FIGURE 47- NOE difference spectrum (top) of the system 
Na+L" +L i+ ^  Li+ L  + Nat The vinyl proton of Na+ L' was irradiated. 
Chemical shifts (8) downfield from TMS.
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results of the NOE difference method could not give conclusive evidence for an 
equilibrium. Possibly the low resolution of the apparatus (200 MHz) combined with a 
relatively wide irradiation band made it impossible to selectively saturate the 
resonanceof the vinyl proton in only one species. Another explanation could be that the 
irradiation time of the vinyl proton was not long enough to accomplish full saturation. 
This result is shown in Figure 48; it can be observed that the resonance of the vinyl 
protons is still visible in the spectrum of the Na+L7K+Lr system (the reader must note 
that the width of this signal indicates that it may contains contributions from both salts). 
If the sodium and potassium salts were not in equilibrium, then after complete saturation 
of the vinyl proton of the sodium salt, for example, the NMR spectrum of the system 
would still display the resonance of the vinyl proton of the potassium salt.
A conclusion based on all these experimental results will be summarized in 
Section 4.
K>
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FIGURE 48. NOE difference spectrum (top) of the system 
Na+L‘ + K + ^  K+ L' + Na+ The vinyl proton of Na+L" was irradiated, 
Chemical shifts (8) downfield from TMS.
3.3. SPECTROSCOPY OF HEXAMETHYLDJPYRROMETHENE Cu(H)
i. Introduction
Most ML2 complexes display only one major absorption band that is located 
around 500 nm. This unique, intense ( e ~105) absorption band has been assigned to be 
a low energy intraligand *K4-n band since it has been observed in the spectra of the 
protonated ligand as well as in those of the complexes.46 This absorption band seems to 
have two components because a shoulder is clearly visible on its high energy side. This 
shoulder although still visible in the spectrum of protonated (or deprotonated) ligand is 
less pronounced.
The spectrum of the CuL2 complex, however, displays two absoiption bands, 
one of them is located at 466 nm (31000 cm'1), and the other is located at 518 nm 
(24300cm1). It has been suggested that the splitting found in the visible absorption 
spectrum of copper(II) dipyrromethenes is caused by strain in the ligand.98 The lack of 
solvent effect has been associated with a constant coordination number of 4.98
Ligand field theory has shown that the dihedral angle between the ligands in 
dipyrromethene Cu(II) complexes varies from 63° to 73° when the substituents at 
positions 5,5' are changed from two hydrogens to two phenyl groups.411 Changes in the 
substitution at position 4,4' may also change the dihedral angle between the ligands. For 
example, in the case of 3,3',5,5' tetramethyldipyrromethene Cu(II), interaction of the 
methyl groups at positions 5,5' causes the molecule to be tetragonally distorted; in this 
complex the dihedral angle becomes 66°. 98 Moreover, X-ray difraction studies have 
revealed the stereochemistry of coordination for the complex bis(3,3' ,5,5'-
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tetramethyl-4,4'-dicarbethoxydipyrromethene) Cu(II); for this molecule, a dihedral 
angle of 66° was reported.8 Studies of the x-ray crystal structure of hexamethyldipyrro- 
methene Cu(II) carried out in this laboratory indicated a dihedral angle of 78.7°. 9
Falk and Hofer have used approximate 7t-type calculations (PPP-SCF- 
LCAO-MO-CI) to simulate the absorption spectrum of 4,4s-diethyl-3,3', 5,5'- tetrame- 
thyldipyrromethene.12 For example, they have found that the spectrum of the zinc 
chelate, the geometry of which was supposed to be a regular tetrahedron, showed two 
closely spaced peaks that had similar intensity. These transitions seem to mimic the 
shoulder and the main band observed in the spectrum of the ZnL2 species around 
507 nm. A decrease in the dihedral angle increases the gap between both transitions and 
changes the relative intensity between them. The high energy transition, for example, 
shifts about 35 nm to the blue and its intensity increases slightly; however, the lower 
energy transition shifts 1 or 2 nm to the red and its intensity decreases dramatically. 
Calculations carried out for 4,4-diethyl-3,3\ 5,5'-tetramethyldipyrromethene copper 
(II), in which a dihedral angle of 68° was assumed, clearly showed two transitions. 
One of these transitions has an energy equivalent to 460 nm, and the second one is 
lower in intensity and would appear as a band located around 490. These calculations 
seem to reproduce the transitions responsible for the observed bands. In the case of 
hexame-thyldipyrromethene copper II (CuL2) these transitions are observed at 465 and 
at 518 nm respectively. As the dihedral angle between the ligands is decreased even 
further, the calculations showed that the differences in energy and intensity between 
these transitions became more pronounced. For example, for a hypothetical square 
planar complex, the low energy transition has virtually disappeared and only one band 
around 440 nm is predicted.
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Fillingim studied the CuL^ complex by means of physical and chemical 
methods.49 He considered the possibility that the two absoiption bands may arise from 
two different geometrical forms. At 151°C, the spectrum of a solution of CuL2 in 
dodecane indicated that the band located at 465 nm had increased in intensity while the 
one at 518 nm had became a shoulder 49 The possibility of axial coordination of water 
molecules was discussed; additional ligands may indeed force the molecule to a nearly 
planar geometry. It was proposed that the two absorptions bands may come from two 
different species; comparison of the visible absorption spectrum of CuL2 in solution at 
room temperature with those of the solid state and of the CuL2 in solution at high 
temperatures, showed differences. The possibility that a conformational change may 
occur upon dissolving the complex was also taken into account.49
Studies of the influence that additional ligands may have on the spectral 
properties of nickel (II) poiphines have been published.99 The visible spectrum of nickel 
(II) (4-N-methylpyridyl) porphine shows a splitting of the soret absorption band. Several 
possible explanations of these features were tested (for example, aggregation of the 
nickel). However, NMR data indicated the presence of four and six coordinated nickel 
species in equilibrium. It was found that the addition of various ligands promoted the 
formation of species of different coordination number."
In this section, the possibility that the spectrum of the CuL2 species may corres­
pond to a single species in a particular conformation or to two species in equilibrium, will 
be discussed. The effect that addition of chloroanil has on the spectrum of CuL2 and 
a particular solvent effect will be presented. The changes that addition of copper acetate 
induce on the spectrum of the neutral ligand and on the spectrum of the CuL2 species will 
be shown.
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3 .3 .1 . Reaction Between HL and CuAc2H20
The CuL2 complex is usually synthezised by mixing saturated hot solutions of 
HL and copper acetate monohydrate dissolved in any organic solvent.20 The green 
complex crystallizes upon mixing the components. The visible spectrum of a solution of 
this copper species in any solvent shows two bands at 518 and 465 nm. The ratio 
between their intensities is slightly solvent dependent (A51g/A46S -0.81-0.86; A denotes 
absorbance; the ratio seems to increase slightly with the polarity of the solvent*9). When 
the CuL2 complex is prepared in low concentrations in solution, only one intense 
absorption band is observed. For example, when copper acetate is added to a 10'5M HL/ 
DMSO solution, a unique absorption band, located at 512 nm, is recorded. In this work, 
spectroscopic data that suggest chemical interconversion between two copper con- 
formers (or species) will be presented.
The copper species will be designated as [iJCuL2, in which i indicates the 
number of major bands observed in the visible region. The reaction between HL and 
CuAc2H 20  was followed spectrophotometrically when dichloromethane was used as 
solvent The results are shown in Figures 49a and 49b. The change observed can be 
symbolized by:
Scheme 14
HL + CuAOj F^O [2]CuL2 #= I1]CuL2
The reaction is terminated after two hours and the first step was found to be 
seven times faster than the second one.
















FIGURE 49a. Effect of C uA c^l^O  on the visible absorption

















FIGURE 49b. Effect of CuAc2- on the visible absorption
spectrum of an HL /CH2C12 solution. The spectra were recorded at 
constant time intervals.
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represented by Scheme 14 was possible (Figure 50):
Scheme 15
2HL + CuAc2H20  -> [2]CuL2 + 2HAc + f^O (CF3CC13; CC14; CHC13)
As it was previously stated, in solvents of relatively high dielectric constant 
the first step of the reaction represented by Scheme 14 could not be observed (Figure 51):
Scheme 16
2HL + CuAc2 H^O -> [1ICuL2 + 2HAc + H20 ; ( CHjCN, DMF, DMSO)
It is possible that, in low polarity solvents, the first step could produce the spe­
cies Cu(HL)2(Ac)2. Considering the relatively high solubility of copper acetate in dichlo- 
romethane, the second step may involve deprotonation of the ligand to form the CuL2 
complex. This possibility would imply that the green CuL2 solid obtained from standard 
synthesis probably partially breaks apart when it is dissolved. Infrared data obtained 
with the complex in the solid state have shown weakened metal-ligand coordinate 
bonds;37 comparison of the M-L skeletal stretching bands of some ML  ̂ complexes 
showed that the bond strength follows the sequence Cu<Ni Co. Distortion from the 
stable square planar configuration on to that of a flattened tetrahedron has been 
considered to be the cause of the weakened metal-nitrogen bonds.
3 .3 .2 . Reaction Between CuL2 and CuAc2H20
The reaction of CuL2 with CuAc2 H20  in a variety of solvents was also 
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FIGURE 50. Spectral changes that occur when HL is in contact with solid CuAc2-H20. 















FIGURE 51. Changes in the visible absorption spectum of a HL solution 
that result from adding increasing amounts of a CuAc^ H20  solution. The 
spectra were recorded at constant time intervals. The solvent was DMSO.
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to yield the species that displays a single absorption band; the reaction is terminated in 
two hours (Figure 52):
Scheme 17
„ CuAc,/H-0
CuL2 — a g L  cllCuL2
In solvents of higher dielectric constant, no apparent reaction between the 
copper complex and the copper salt could be found within a 24 hours period. This 
behavior can be explained in several ways. For example, in highly solvating systems 
such as DMSO, some degree of deprotonation of HL may already exist. This possibility 
could explain why the free ligand (but not the CuL2 species) reacts upon adding copper 
acetatetoitsDMSOsolution.lt is reasonable to assume that the copper ion readily reacts 
with the anion to shift the equilibrium:
Scheme 18
HL/DMSO =*= L/H7DMS0
Additional evidence for the ability of DMSO to efficiently solvate H+ was 
evidenced by a concentration effect found for hexamethyldipyrromethene hydrobromide 
(H2L+B r); the visible absorption of a ~107M HjLVDMSO solution is that of the neutral 
(HL) species. Although hydroxides or acetates do not deprotonate the free ligand in 
DMSO, the effect of the formation of a chelate may constitute the driving force for the 
reaction to proceed. On the other hand, the relative inertness of the CuL2 complex towards 
reaction with copper acetate may originate in the higher solvating power of DMSO.
The weakened copper-nitrogen bonds can also explain the destruction of the 
CuL2 complex by the addition addition of imidazole:
550 500 450 400
WAVELENGTH (nm)
FIGURE 52. Changes in the visible absorption spectrum of a Cui^ solu­
tion that result when the solution is in contact with solid CuAc2*H20. The 
spectra were recorded at constant time intervals. The solvent was CH2C12.
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Scheme 19
CuL2 + 2ImH —» 2HL + Culnx,
In Scheme 19 "Im" denotes imidazole. The series of spectra obtained during 
this reaction lacks an isosbestic point which indicates that the CuL2 does not participate 
in an equilibrium.
3 .3 .3 . Does the CuL2 Complex Constitute a Single Species ?
There is some evidence that suggest that the CuL2 complex is composed of a 
single species that is possibly a flattened tetrahedron. This evidence will be discussed in 
Section 4 in consideration of the results that are described next and other proposed 
experiments.
It has been possible to prepare a different complex by a simple metal ion 
exchange reaction. Figure 53 shows the effect that mercuric acetate produces on the 
visible absorption spectrum of the copper species.
Two well defined isosbestic points, at475 and 517 nm, indicate an equilibrium 
between well defined copper and mercuric complexes.
Cation exchange reactions between dipyrromethene complexes have been 
reported in the literature. A synthesis of halodipyrromethene complexes of Cu(II), Ni(II), 
Zn(II), and Mn(II), in which the Ca(II) complex was the starting material, was designed;40 
the reactions take advantage of the relatively weak affinity of the Ca2+ ion for the nitrogens 
of the free base.40
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FIGURE 53. Changes in the visible absorption spectrum of a 
C11L2  /CH 2 CI2  system that result when the solution is in contact with solid 
mercuric acetate.
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In this investigation, two exchange reactions are reported: the reaction between 
CuL2 and copper acetate to produce mCuL2 and the reaction between CuL, and mercuric 
acetate to produce the mercuric complex. In both cases, clear isosbestic points were 
observed. This behavior shows that is unlikely that two species could be present in CuL2.
The effect of potassium hydride on pentane and tetrahydrofuran solutions of 
CuL2 was also investigated. The negative ion (L ) has never been obtained in pentane; 
after three days a dry CuL/pentane-KH solution (the system was kept inside a dessicator 
under argon over KOH pellets) showed no change in the ratio of the two peaks of 
the spectrum of the copper complex. The same result was obtained when the solvent was 
THF; although in this solvent KH can effectively deprotonate HL no spectral change 
was noted in about two 2 hrs during this experiment with the copper chelate (longer 
periods of time destroy the absorbance of a ~10'5M solution of CuL2).
The effect that an electron acceptor of moderate strength such as 
chloroanil (CHL) has on the visible absorption spectrum of some ML2 complexes is 
interesting. Upon addition of relatively large amounts of CHL (~10'3M) to a 7x1 O'6 M di- 
chloromethane solution of ZnL2 a decrease in the absorption intensity of its major band 
was noted (Figure 54) while high energy shoulder increases in intensity. These spectral 
changes produce an isosbestic point in the spectrum of the ZnL2 chelate. As a conse­
quence, the ZnL2 spectrum began to resemble that of the copper complex (although in this 
case the two bands are much closer in energy). When the same experiment was repeated 
with CuL2, the effect of CHL (~10'3M) was to increase the intensity of the 465 nm band 
such that the ratio A518/A465 became 0.67. Further increases in the concentration of CHL 
did not decrease this ratio but rather it seems to destroy the complex; a pronounced 
















FIGURE 54. Changes in the visible absorption spectrum of a ZnL2 solu­


















FIGURE 55. Spectral changes that occur when increasing amounts of chloroanil are added to a
CuL 2 /  CH3CN solution.
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A pronounced solvent effect was found when the free base HL, its protonated 
form, and the ML2 complexes were dissolved in carbon disulfide. The absoiption maxima 
of each one of these species are red shifted by as much as 10 nm when the species in this 
solvent. However, the visible spectrum of CuL2 not only shifts to the red but also the A51g/ 
A ^  (-1.0) ratio increases noticeably (Figure 56). Does this solvent effect constitute a 
proof of the presence of two copper species ? In the next section a structural change within 
a single copper species that could be the reason for these spectral features will be 
discussed.
3 .3 .4 . Discussion of the Reactions Presented in this Section
When the solvent is dichloromethane the first step of Scheme 14, the step 
that implies formation of the plCuL2 molecule appears not to involve an equilibrium 
as the second step does (Figure 49a). However, the reaction symbolized by Scheme 15 
shows an isosbestic point around 453 nm (Figure 50). This reaction in dichloromethane 
was found to be twice as fast as when it was carried out in CF3CCl3and does not 
terminate with the [2]CuL2 species but continues at the same rate until the mCuL2 species 
is formed (Figure 49b). It is postulated that a) the isosbestic point detected when the 
reaction between HL and copper acetate is carried out in CF3CC13 shows that [2JCuL2 is 
a single species, and b) the isosbestic point observed in the second step of the reaction 
denoted by Scheme 14 also shows that !2)CuL2 is a single species; note that this second 
step requires the presence of l2]CuL2 in its final conformation and that the lack of a neat 
isosbestic in Figure 49a probably is because the reaction - in this solvent- is too fast to 
allow the recording of several spectra analogous to those shown in Figure 50.
However, originally it was believed that the [2]CuL2 species contained water
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FIGURE 56. Visible absorption spectrum of CuL2 :
(—) dissolved in CS2 ; (—) dissolved in CH2C12; (••••) 4 min. after exceess solid CuAc2 H20; 
wasaddedtoaCuL2/CH2Cl2 solution.
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molecules coordinated to copper in axial positions; but the lack of spectral changes in the 
visible absorption spectrum of a CuL2 /  THF solution that contained excess of KH seems 
to disprove that hypothesis. This experiment with KH also ruled out the possibility that 
-in a first step- the reaction HL + CuAc2H20  could have produced a species such as 
Cu(HL)2Ac2 that could have accounted for the 465 nm absorption band.
Furthermore, it has been observed that there is a red shift of nearly 10 nm in the 
visible absorption spectrum of HL and HjL* when the solvent is CS2; in this solvent not 
only a similar shift of the two bands of CuL2 is noted but also the ratio of the intensities 
of the 518 and 465 nm peaks is nearly 1.0.(see Figure 56). The observation that the 
energy gap between the two bands in the system CuL2 /CS2 and the two bands in the 
spectrum of the system [2]CuL2 =£= [I]CuL2 (Scheme 17 or 14) at the point in which 
the extent of the reaction gives a intensity band ratio of ~ 1.0 are nearly identical 
(2654 cm 1, despite the strong solvent effect observed in CS2), clearly shows that both 
copper species are two different geometrical forms of the same complex.
Additional research needs to be done to elucidate the exact nature of the 
equilibrium shown by Scheme 14. The effect of the solvent on this reaction may 
indicate that only partial charge redistribution has been reached in the I2]CuL2 species; 
because the formation of this species constitutes an intermediate step in low polarity 
solvents. The failure to observe the growth of the 465 nm band when CuAc2H 20  is added 
to a HL/DMSO solution shows that a ligand species that has substantial charge 
redistribution within the pyrrole rings -because of the coordination of Cu2H - is formed 
upon adding the reagent (it is believed that in DMSO the copper species reacts directly 
with L' which may be present in low concentrations). Moreover, the inertness of a CuL2 
/DMSO solution towards CuAc2H20  may indicate that the complex is so highly solvated
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that the reaction has become extremely slow (in comparison to the same reaction when 
the solvent is dichloromethane as shown by Scheme 17).
An evaluation and conclusion of all these results will be presented in
Section 4.
4. SUMMARY AND CONCLUSIONS
The chemistry of hexamethyldipyrromethene has been investigated in relation 
to: 1) the possibility that this species may form charge transfer complexes with some 
electron acceptors, 2) the spectroscopy and the characterization of the species (Y+L ) that 
result from deprotonation of HL , and 3) the spectrophotometric investigation of the 
spectral features of the complex CuL2.
4.1. Interaction Between HL and Some Electron Acceptors
A search for charge transfer complexes that involve electron acceptors such 
as chloroanil (CHL), tetracyanoquinidomethane (TCNQ) and TCNE was attempted. 
However, only TCNE was shown to interact strongly with hexamethyldipyrromethene. 
Both CHL and TCNQ did not induce spectral changes when mixed in a 1:1 molar ratio 
with HL. The visible absorption maximum of CHL is located at 375 nm (£~  300)while 
that of TCNQ at 394 nm ( e ~ 84,000); differential absorption spectroscopy was used 
to attempt to detect possible changes in the intensity of the visible absorption band of 
HL but no conclusive result that would have indicated the presence of any interaction 
was found.
A spectrophotometric study of the reaction between HL and TCNE gave 
evidence that there is a strong interaction between these molecules; this interaction is 
irreversible and produces the deprotonated form of HL. A titration of a HL/CH^C^ 
solution with increasing amounts of a TCNE/CHjC^ solution showed that the intensity 
of the structured 265 nm UV absorption of TCNE decreased in intensity while a new 
structureless band centered around 300 nm developed. Figure 3 shows that the 277 nm
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shoulder present in the UV spectrum of TCNE decreases in intensity less rapidly 
than does the 265 nm major peak because of the reaction with HL. It was found that 
when a 1:1 molar HL-TCNE mixture is acidified the 300 nm band (labeled as 5 in 
Figure 3) disappears and a new band centered around 279 nm begin to grow. This result 
shows that the 300 nm band is that of a complex between HL and a TCNE species 
while the peak at279nm may represent the absorption band of that TCNE species which 
was formed after reaction with HL; this TCNE species has been identified as [TCNE:H+]. 
No growth of any absorption band around 300 nm had been found previously when a di­
chloromethane solution of HjL+Cl' was titrated with a TCNE solution; this result 
supported the characterization of the 300 nm absorption band as that of a complex 
which can be described as L'[TCNE:H+].2 Additional evidence for the presence of this 
species came from the observation of spectral changes in the visible spectral region; for 
example, this reaction was simultaneously followed in the UV and visible spectral 
regions and it was noted that the broad band of the HL species centered around 
450 nm was transfomed into that of the deprotonated Is species the band maximum 
of which was located at 486 nm.2 Both in the UV and in the visible regions the spectral 
change was complete when the partners were in a 1:1 molar ratio and perfect isosbestic 
points between the reacting species were observed. The stoichiometry of this strong, 
irreversible, interaction was confirmed by using the continuous variation method 
(Figure 4) and by calculating an equilibrium constant for this reaction that was 
(2.5±0.9)xl05.
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The interaction between HL and HCA was studied by means of visible 
absorption, FT-IR, and NMR spectroscopies. The effect of HCA on the visible absorption 
of HL is to produce the spectrum typical of a species that has increased resonance 
interaction between the pyrrole rings (greater charge reorganization). The interaction 
between HL and HCA is weak and solvent dependent; for example, this reaction was 
found to be much faster in high polarity solvents such as DMSO. The solvent effect on the 
extent of the reaction was attributed to charge redistribution within HL; i.e. charge 
separation is more likely to occur in highly polar solvents. When HCA was added to 
a clear, saturated hydrocarbon solution of HL in a molar proportion ~ 100:1 respectively, 
red needles crystallized immediately from the solution. An attempt to study this solid 
product by means of FT-IR and ’H NMR was done; the FT-IR spectrum displayed two 
vibrations that were absent in the FT-IR spectrum of HL and that were assigned to C=0 
and C-Cl stretching vibrations. Moreover, the energy of these vibrations was found to be 
different from those of pure HCA. From elemental analysis of the HL/HCA product it 
was concluded that HCA may form an adduct with HL in which only three chlorine atoms 
are present. The !H NMR of approximately 10:1 molar mixtures between HCA and HL, 
respectively, showed a weak downfield shift of the vinyl proton resonance; a 
similar shift has been reported in the case of metal complexes such as ZnLr  While the 
magnitude of the'H NMR shift both in HL/HCA and in Na+L' is maximal for the 5,5' 
methyl protons (Table 2), in the H2L+species the maximum shift is that of the 3,3' 
methyl protons; possibly a reaction between HLand HCA in which an adduct is formed 
may well explain the *H NMR and the visible absorption spectrum. The !H NMR data also 
show that while in HjL* the downfield shift of the resonances of the 4,4- methyl groups 
is nearly one half of the downfield shift of the resonances of the other two methyl 
protons; however, in the HL/HCA and Na+L' species the resonances of the methyl groups 
3,3' and 4,4' are of comparable magnitude; while the excess negative charge in L  can
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be redistributed almost homogeneously through the pyrrole rings no resonance form for 
H2L+ can be drawn that would have a positive charge in the 4,4' pyrrole carbons.
In conclusion, HCA seems to react irreversibly with HL to yield L’ as TCNE 
does. This observation was confirmed by visible absorption, NMR, and IR studies. For 
example, the strong band observed around 485 nm in HL solutions to which HCA was 
added arises from L'; the shift to the red of the visible absorption band of this system in 
relation to those of the Y+L' species indicates a Lr moiety is distorted from planarity 
because of the presence of the haloacetone. Proton NMR data shows that the interaction 
between HCA and HL is strong enough to shift the resonances slightly downfield from 
the resonances in HL (Table 2). Furthermore, Table 1 indicates that the FT-IR frequency 
of the skeletal stretching mode of the pyrrole rings is shifted to lower energies in H2L+C1‘ 
with respect to the same frequency of the HL/HCA solid. Fillingim found that, with 
samples in the solid state, the skeletal C=N stretch in the IR spectrum of Na+L‘ is observed 
at lower energies in relation to the same stretch in Ĥ L+Cl*.49 This evidence supports the 
conclusion that deprotonation ofHL may occur as a consequence of the reaction between 
HL and HCA and that the assignment of the ~-485 nm absorption band to be that of the 
L' species is correct.
Gandour100 has suggested that if estimated pKa values were assumed it would 
appear that a reaction between HCA and HL to produce the deprotonated L' species 
would be essentially impossible; however the pKa values appropriate for these solvent 
systems are not known, and it is difficult, if not impossible, to assign the observed 
dipyrromethene spectrum to anything other than that of the negative ion. It is known 
definitely only that a reaction has occurred and that that reaction produces a negative 
dipyrromethene ion; the nature of other products has not been established. Taft and
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Bordwell101 give data that provide Ka = 7 . 4 X 1 0 -6 for pyrrole in DMSO. Hexame­
thyldipyrromethene should be more acidic. Kb for HCA in DMSO is unknown but should 
be small, e  for pure HCA was not found.
The spectral features of the interaction between HL and HFA are similar to 
those between HL and HCA. Since neat HFA is gaseous at room temperature a solution 
of HFA in a particular solvent was used. The solvent effect on the extent of the reaction 
was different from that observed for HL/HCA. While a small amount of a HFA/CC14 
solution needs to be added to a HL/CC14 solution to observe the growth of the ~ 4 8 7  nm 
absorption band, a much larger volume of the same solution is required to produce this 
absorption band when HL is dissolved in DMSO; it is believed that the system HL-HFA 
is rather unstable in a solvent such as DMSO.
Again it is concluded that the deprotonated, L \ species is formed because of 
reaction with HFA. In a variety of solvents a strong absorption band that has been 
observed in the visible absorption spectrum of the HL/HFA system in the range 4 8 0  - 
4 9 0  nm confirms this hypothesis. In addition, the !H NMR spectrum of the HL/HFA 
species (Table 2) showed very small upfield shifts (some within experimental error) 
of the methyl group resonances; however, the upfield shift of the vinyl proton resonance 
was comparable to the same upfield shift observed in the case of the Li+L' species 
(Table 6). Finally and by analogy with the discussion of the FT-IR results obtained with 
the HL/HCA solid the shift of the skeletal stretching vibration of the pyrrole rings of 
the solid precipitated after reacting HL with HFA was located at higher energies 
with respect to the same stretching frequency in H2L+C1\
All three acceptors tetracyanoethylene, hexachloroacetone, and hexa-
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fluoroacetone react with HL to produce its deprotonated form that is identified by means 
of its visible absorption spectrum. The red shift of the band maxima position of the 
species HL/TCNE, HL/HCA, and HL/HFA in relation to the position of the band maxima 
of the Y+L' species is possibly a result of distortion from planarity. The reactions with 
HCA and HFA were found to be irreversible, and only in the case of the interaction 
between TCNE and HL was there a specific spectral change of the absorption band of 
the acceptor that resulted in the formation of a new band that was characteristic of a 
donor-acceptor complex. The reaction between hexamethyldipyrromethene and tetracya- 
noethylene also leads to eventual irreversibility. Since charged species from reversible 
photoredox reactions are required in order to initiate a water splitting reaction - which 
was an initial goal of this research - it is concluded that the acceptors investigated in 
this work cannot be used to study potential charge transfer reactions that could be 
used in solar energy conversion and storage.
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4.2 Hexamethyldipyrromethene Anion
In an attempt to understand the spectral features of donor-acceptor type 
interactions of HL, this species was deprotonated -first in highly polar solvents- and was 
studied by means of various techniques. Originally it was thought that the free L' species 
existed in solution; i. e. an L' species in which the cation from the base was not in the 
first L’ solvation sphere. The visible absorption maximum of the L" species in DMSO 
had a maximum at 490 nm when the base was NaH; when solid dry LiCl was added to 
this solution a red shift of about 7 nm in the visible absorption maximum was observed. 
This spectral change was taken to be evidence for an intimate association between L' and 
the alkali cation. This cation exchange reaction was studied spectrophotometrically and 
an equilibrium constant of ~0.04 was obtained. This large value indicates that Li+ 
stabilizes the L'species better than Na+does. A a- type bridging complex between L' and 
Li+was postulated; in such a complex the cation interacts with the non-bonding electron 
pairs of the nitrogens; a small cation such as lithium shows a greater tendency to form 
a contact o- type complex because the dipolar field of the lone electron pairs in Is falls 
off rapidly with distance.
Deprotonation of HL by means of CH3OK and KH was obtained first in 
DMSO, and the visible absorption maximum of the L' species was located at 489 nm. 
Addition of NaCl shifted the band maxima from 489 to 490 and indicated that Na+L‘ 
was formed. It was postulated that deprotonation of HL by means of NaH also produces 
a a-type complex: Na+L\ Solvent effects on the visible absorption maxima showed that 
each Y+L' species contain the cation in its first solvation layer in close interaction with 
the pyrrolyl nitrogens; for example, according to Table 4, only a 1 nm wavelength 
difference exists between the absorption maxima of Na+L' and K+L' in DMSO, but in
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the case of Na+L' and K+L' in t -amyl alcohol this difference is 6 nm.
The luminescence spectra and quantum yields of the HL and Y+ L- (Y= Li, Na, 
and K) were obtained. The nearly mirror image between absorption and emission and 
the relatively small energy difference between absorption and emission maxima shows 
that no major geometrical change takes place because of electronic excitation. The lack 
of solvent effect on the emission maxima of the Y+L* species could indicate that 
emission arises from the same species in each case but not necessarily from solvent 
separated forms. The strong dependence of the quantum yields on the nature of the cation 
shows that the emission may not arise from a species in which the cation and anion are 
relatively close neghbors. The luminescence band maxima positions can be explained 
simply by considering various arrangements of the energy levels ( see Section 3.2.3.3.). 
The small luminescence intensity of the K+L' species is one of the best indications 
that this species constitutes a G-type contact ion pair in the excited state; the perturbation 
caused by K+ can effectively reduce the population of the emitting state Sj by 
increasing the Sj—>Tj intersystem crossing probability.
The FT-IR spectra oftheY +L' species indirectly appear to indicate coordi­
nation between the cation and the nitrogens in L \ It has been shown that the stretching 
vibration of the pyrrole rings of some ML2 complexes (in which M is a first row 
transition metal) shifts to lower energies because of metal coordination; a similar shift 
for the Y+L' salts was found in this work; this result may demonstrate that these 
molecules are G-type alkali complexes. However, the unavailability of an FT-IR 
instrument to operate at energies as low as 300 cm 1 made it impossible: a) to obtain 
direct evidence for an M-Y bond in each salt and b) to determine the relative strength 
of the M-Y bond in each species.
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The !H NMR spectra showed that all the resonances in the alkali salts are shifted 
upfield in relation to the *H NMR resonances in HL. The shift indicates that the charge 
redistribution -because of deprotonation- has increased the 7t electron density through 
the 7t -system (in the deprotonated form of pyrrole all carbons have increased 
their it electron densities in comparison with those of neutral pyrrole (15)). An 
increase in charge density will decrease the magnitude of the H 3C ->C bond polarization 
and cause an upfield shift of the resonances of the protons of the methyl group. The 
magnitude of the upfield shift is proportional to the size of the cation but inversely 
proportional to its electron affinity; for example, potassium is a weaker acid with respect 
to lithium so that a higher density of it -electron charge is expected at carbons 5,5 in 
K+L‘ with respect to those of Li+L\ However, in the Li+L' species a better redistribution 
of the excess negative charge is expected because there is a) a higher degree of molecular 
planarity and, b) a greater degree of covalency of the cation-anion interaction; for 
example, while in Li+L' the quotient between the 5,5s methyl groups shift (Ay+L values 
as defined in Table 6) and the vinyl proton resonance shift is 1.127, for the K+Lr species 
this quotient is 1.330; the higher this number the more homogeneously the charge has 
been redistributed.
Characterization of the Y+Lr salts was also accomplished by means of 13C NMR 
spectroscopy. Some of the shifts observed because of deprotonation of HL are rather 
easy to explain; for example, the downfield shift of the ,3C NMR resonances of carbons 
F is a result of an increase in C-N bond order and a decrease in electronic excitation 
energies; in both cases a deshielding effect is the observed result. The downfield shift of 
carbons F is slightly larger in the case of Li+L' possibly because of the slightly lower 
excitation energies and/or because of a better charge reorganization. Similarly, the 
increased resonance interaction between the pyrrole rings in Li+L' may be the cause of
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the larger upfield shift of the vinyl carbon resonance in relation to those of the sodium and 
potassium salts; this upfield shift results from an increase in bond order which arises 
from charge redistribution; this increase in bond order shields the vinyl carbon. Carbons 
C are an example of a rather dramatic downfield shift of the I3C NMR resonances that 
result from deprotonation of HL; this effect appears to result from a substantial decrease 
in the bond order CB-Cc in the L  species102; note that also in this case the effect is 
more pronounced in Li+L' because a better charge reorganization is expected in this 
system. The chemical shift variations of methyl carbons A are directly related to 
changes in conjugation; for example while the chemical shift of the methyl group in a- 
methyl-cyclohexene is 23.8, in toluene it is 21.3 ppm. This effect represents the 
neighbor anisotropic contribution ( oN) to the shielding; the shielding is larger in 
toluene because of the ring current effect. Among the Y+L' species the Li+L* species 
displays the minimal downfield shift for methyl carbons A in relation to that of HL; 
this small downfield shift may indicate that this species is more aromatic than Na+L’ and 
K+L\
The results from the NOE effect on the HL, and Y+L’ species are difficult to 
rationalize quantitatively. This effect is sensitive to the concentration of the species and 
to the presence of oxygen or other paramagnetic impurities. In a series of experiments 
among which quantitative comparisons would be made, all the variables mentioned 
(including temperature, acquisition times, etc.) need to be accurately controlled. The 
uncertainties in the data displayed in Table 8 show the possibility of an overlap between 
the NOE data for the Na+L' and for the K+L' species. The objective of that experiment 
was to determine approximately the degree of planarity of these species; however, the 
experiment can give a qualitative idea about the relative proximity between the vinyl 
proton and the 3,3' methyl groups (considering that all the variables were controlled). 
For example, the larger value for the vinyl-H, CHj interaction in K+L" compared with that
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of Li+L' may show that these interacting groups come closer to each other because of 
the presence of a larger cation. Results from calculations that would give optimized 
geometries (or at least molecular mechanics studies that would show how the overlap 
of the van derWaals radius between the nitrogens and the cation may affect the dihedral 
plane between the pyrrole rings) for the Y+L' species are necessary to rationalize the 
experimental data. The Li+L' species is expected to be most stable because the strength 
of the N-Y+interaction depends mainly on the electron affinity of the cation. 
As a consequence of deprotonation the distance between the vinyl proton and the 3,3' 
methyl groups has decreased (this is because of a decrease in the Aj/A2 ratio) possibly to 
afford a better interaction with the cation; the decrease in this distance is more apparent 
in the case of the Na+L‘ and K+Lr species possibly because a larger cation separates the 
nitrogens from each other.
In conclusion, all the techniques that were used support the classification of 
the Y+L' species as bridging cr-type alkali complexes and, among these species, the Li+L' 
is the most planar and aromatic. For example, the solvent effect on the visible absorption 
data show clear differences between the band maxima positions of the Y+L' salts 
(Table 4); Li+L' is the one that displays the largest red shift. Although Table 4 shows 
that there is little difference between the visible absorption maxima of Na+L' and K+L' 
in many solvents, the strong heavy atom perturbation observed for the potassium salt 
undoubtedly demonstrates that the cation forms a bridging complex with L' ; this 
conclusion is supported by the similar effects that have been reported for metallopor- 
phyrins that were discussed in Section 3.2.3.3. ii.64 Even though the emission quantum 
yields vary, for the Y+L' species, almost no change in the position of their emission 
maxima was found; the lack of sensitivity of the emission energy to the nature of the cation 
shows that the fluorescence comes from essentially the same species in each case.
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Proton NMR also gave a good evidence for a higher degree of charge redistribution in 
Li+L" than in the other Y+L'; the stronger the ring current effect in an aromatic system 
the larger will be the downfield shift of the 'H NMR resonance of a proton attached 
directly to the system, and there was a larger downfield shift in the case of the 
resonance of the vinyl proton of the lithium salt with respect to the other two Y+L' 
species. It was also pointed out in Section 3.2.3.4. that the strong interaction 
between Li+ and L‘ enhances the electronegativity of the nitrogens and decreases the 
electron density on the vinyl carbon; it is concluded that both the higher degree of 
charge redistribution expected for a more planar species and the decrease in electron 
density in the vinyl carbon explain the downfield shift of the vinyl proton NMR 
resonance in L i+ L' in relation to those of the other two alkali salts. The characterization 
of the Y+L‘ species as bridging complexes is also obvious from consideration of the 
carbon 13 data; for example, the magnitude of the chemical shift difference between 
the resonances of carbons F and C in the lithium and sodium salts is nearly twice as 
that between those of the sodium and potassium salts; first, the clear differences 
between the carbon 13 resonance patterns of the Y+ Is species show that the cation 
is intimately bound to Is, second, the marked downfield shift of the resonances of 
carbons F and C in Li+L‘ implies a better resonance interaction between the pyrrole rings 
in this system. Other good evidence for the presence of alkali metal complexes came 
indirectly from the Nuclear Overhauser Effect study; it was possible to verify that two 
Y+L' species can coexist in equilibrium; for example, in the case cf a Na+L‘ /  Li+L' 
mixture it was found that saturation of the vinyl signal of a single species resulted in a 
Nuclear Overhauser Enhancement of the methyl groups of both species; this result that 
indicates the presence of alkali salts in equilibrium was previously demonstrated by 
means of a spectrophotometric titration in which a Na + Is /DMSO solution was titrated 
with a LiCl/DMSO solution. But perhaps the most direct evidence showing that Li+L_
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is a bridged sigma complex came from a 7Li NMR study; a large shift of 1.66 ppm 
(downfield from the 7Li NMR resonance of a LiCl DMSO solution that was used as 
an external standard) demonstrated that L i+ is bonded to the nitrogens in L’ and feels 
the effect of the ring currents of the pyrrole moieties as indicated by structure (12).
As it has been previously discussed, each of the experimental techniques 
used in this work gave partial support for the classification of the Y +L’ molecules 
as alkali metal complexes. Each technique has given evidence that these species can 
adopt various geometries in which the excess negative charge in the anion can be 
delocalized to different extents. The results of the visible spectra, the NMR spectra, the 
IR spectra, the luminescence spectra, and the solvent effects are mutually supportive.
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4.3. The Copper Complex
The spectral features of the CuL2 were investigated by means of spectrophoto- 
metric methods. The spectroscopy of this complex is interesting, first, because only one 
visible absorption band is observed when it is prepared in solution (i.e. by reaction of HL 
with copper acetate in a highly polar solvent such as DMSO) and, second, because when 
it is obtained in the solid state by standard techniques and dissolved in any solvent its 
visible absorption spectrum displays two absorption bands. The reason for these spectral 
differences had never been explained.
In this investigation it was found that CuL2 that displays a single absorption 
band ([1]CuL2) not only can be prepared in solution in a low polarity solvent such as 
dichloromethane, but it can also be possible to induce interconversion between both 
copper forms. For example, when excess copper acetate monohydrate was added to 
an HL/CH2C12 solution the formation of the [2]CuL2 species was detected spectrophoto- 
metrically; but it was found that the spectral changes continue until further conversion 
to the ll,CuL2 species is noted; between both copper forms a perfect isosbestic point 
exists (Figures 49a and 49b).
A few qualitative experiments were designed to decide whether the [2]CuL2 
form was: a) one species which contained a fifth ligand such as water, b) possibly a salt 
complex such as Cu(HL)2X \ or c) a CuL2 species tetragonally distorted. Considering 
that the presence of an excess of dry active KH did not alter the spectrum of the l2]CuL2 
species when it was dissolved in THF and since HL can be easily deprotonated in this 
solvent by means of KH and water reacts with K H , the possibilities of a salt complex 
or coordination of one or more water molecules were rejected.
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When imidazole was added to a CuL^CI^Cl, solution, the complex dissociates 
to yield the HL species and, possibly an imidazole-copper(II) complex that does not 
absorb in the visible region. When this reaction was followed spectrophotometrically, no 
isosbestic point was detected. During the formation of the [21CuL2 species by reaction 
between HL and CuAc2H20  in dichloromethane, no isosbestic point was noted. However, 
when the synthesis of the HgL2 species by reaction of [2]CuL2 with HgAc2 was followed 
spectrophotometrically, two isosbestic points were observed; these two isosbestic points 
indicate that there are two species in equilibrium. When the transformation of the [2]CuL2 
species into the [1]CuL2 was followed spectrophotometrically clear isosbestic points were 
also observed. It is interesting to consider that while in the reaction between CuL2 with 
12-crown-4 to yield L* the closeness between the band maximum of L and the 465 nm 
component of the CuL2 absorption do not allow one to note whether this copper band 
decreases in intensity simultaneously with the 518 nm component of the CuL2 spectrum; 
however, in the reaction with HgAc2 it is possible to observe that the 465 nm band 
decreases in intensity when the HgL2 complex is formed.
All the spectrophotometric experiments mentioned above appear to indicate 
that l21CuL2 constitutes a single species in which Cu(II) has a coordination number of 
four. The lack of isosbestic points both in the reaction of l21CuL2 with imidazole and in the 
first step of the reaction between HL and CuAc2H20  shows that in both cases there is 
participation of at least one intermediate species. The isosbestic points observed during 
the reaction I2]CuL2 + Hg(II) ^  HgL2 + Cu(II) demonstrate that the copper species 
that displays two absorptions bands is a single species (and not an equilibrium between 
two different geometrical forms). The reaction observed in Figure 52 can be interpreted 
to be the result of a geometrical rearrangement of the [2]CuL2 species to produce the
[1]CuL2 form. The copper species that shows a single absorption is believed to be less
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tetragonally distorted. Unfortunately, this hypothesis has not been demonstrated and the 
driving force for this spectral transformation has not yet been elucidated.
In conclusion, all the experimental results appear to show that that the standard 
CuL2 species (which display two major absorption bands) constitutes a unique chemical 
species, a tetrahedron probably more distorted than the x-ray difraction studies have 
shown; but the [11CuL2 form, which has been synthesized only in solution, may also be 
a single species the geometry of which is closer to that of a regular tetrahedron. For 
example, the two isosbestic points observed when CuL 2 react s with HgAc2 to produce 
HgL2 show that one copper species is reacting. The reaction of synthesis of CuL2 by 
adding copper acetate to a solution ofH Lin some non-polar solvent (Figure 50) 
clearly shows that a single species is formed. Similarly, Figure 51 shows that a single 
copper species, which display one major absorption band in the visible, can be 
synthesized when copper acetate is added to an HL/DMSO solution. Moreover, the lack 
of spectral changes observed when excess KH was added to a THF/CuL2 solution ruled 
out the possibility of coordination of a fifth (or sixth) ligand such as water; for example, 
if it is assumed that KH has reacted with a hypothetical water molecule coordinated to 
copper (Cu-H20) then a new interaction that is much stronger would have been created, 
i. e. Cu-OH; but this interaction would weaken the hexamethyldipyrromethene copper 
bonds and would destroy the complex. The CuI^/THF-KH experiment also rejected the 
possibility of formation of an intermediate salt complex such as Cu(HL)2X2. In the 
next section additional experiments that may further probe the possibility that the




4.4.1. Interactions Between HL and Electron Acceptors
Direct verification that there was removal of the imine proton in each one of 
the reactions studied could be obtained from low temperature !H NMR spectra. An 
attempt to do this kind of experiment was done with the system TCNE/HL in DCC13; 
however, no conclusive evidence could be obtained because of the decrease of solubility 
of TCNE as the temperature decrease. No adequate result was obtained with the system 
TCNE/CS2 because the solubility of TCNE is also veiy small in CS2 even at room 
temperature (a better solvent to study this interaction both because it is non-protic and 
because a lower temperature can be achieved). Resonance Raman (RM) studies may also 
help one to study this interaction; lower concentrations (than those for *H NMR) of the 
interacting partners can be used in the RM studies; for example, the RM spectral features 
of TCNE free and in a solution that was saturated with HC1 gas can be compared with 
those of TCNE in a 1:1 molar TCNE/HL mixture in CS2.
Difference absorption spectroscopy is proposed to study the interacting 
system HL/HCA. In this technique the spectra of various HL/AcN solutions contain­
ing equal concentrations of HCA/AcN in the sample and reference cell are recorded; 
a negative absorption at ~300 nm (position of the band maximum of HCA) as the 
concentration of HL increases could be related to a reaction between HL and HCA. It was 
found that as the solvent polarity decreases smaller amounts of HCA were necessary to 
observe the absorbance of the reaction product (the ~485 nm absorption band ); 
acetonitrile is polar enough to permit the observation of a detectable negative absorption 
at 300 nm (band maximum position of HCA) that may result from its reaction with HL.
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The success of the technique requires the use of highly pure HCA and the control of its 
concentration in both cells in every trial as accurately as possible; the observation of an 
isosbestic point at the low energy side of the HCA spectrum would indicate its 
participation in an equilibrium with HL.
A low temperature study of the ’H NMR spectrum of the systems HCA(HFA)/ 
CS2 would help to demonstrate that deprotonation of HL was the main reaction. The low 
temperature 'H  NMR of HL/CS2 and HL-HCA/CS2 solutions can be compared. This 
experiment will allow a better observation of the resonance of the imine hydrogen 
inHL.
Comparison of the solid state IR spectra of the HL and Y+L  species with 
those of the solids obtained from reaction between HL and haloacetones could be 
accomplished. It will be discussed next that a solid -presumably K+L-can be obtained 
from an HL/THF solution (kept inside a stoppered volumetric flask) in which an excess 
of KH was added. If this solution is quickly filtered and the liquid is pushed through 
the filter by means of a current of dry nitrogen inside a dry box under an atmosphere 
of dry nitrogen the solid mixture KH-K+L' could be obtained; the FT-IR spectrum of 
this solid can be recorded under dry conditions. Comparison of the skeletal stretching 
frequency of this deprotonated form with that of HL and those of the HL/haloacetone 
solids would give additional information about the nature of the HL <-> haloacetone 
interaction.
4 .4 .2 . Hexamethyidipyrromethene Anion
Cation exchange reactions such as K+L' + Li+ ^  Li+L' + K+ and
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K+L‘ + Na+ =£= Na+L‘ + K+ can be studied in DMSO. Saturated solutions of CHjOK 
need to be prepared and the concentration of alkoxide could be calculated by means of 
the method outlined by Scheme 2 ; the alkoxide solution must be used immediately 
after its preparation to avoid any spectral congestion because of the eventual forma­
tion of dimsyl ion. Although there is only 1 nm energy difference between the 
absorption band maxima of the K+L‘ and Na+L' species there exist other spectral 
differences, and the presence of isosbestic points could be clearly visible. It is predicted 
that the equilibrium constant for the exchange reaction between K+ and Li+ will be larger 
than that between Na+ and L i\
Experimental difficulties hindered low temperature studies of the visible 
absorption and emission of the Y+L_ species; neat solutions of stable deprotonated forms 
of HL could only be obtained by using DMSO as the solvent. High temperature studies 
would give information with respect to the stability of the Y+L salts; it would be 
interesting to observe whether the band maxima position and shape of these species 
will be the same as they were at room temperature; it has been demonstrated in this work 
that the band maxima position depends on the nature of the cation, so that questions such 
as "Is the Na +L' species in DMSO a contact ion pair even a t350 K?" could be answered. 
However, for a high temperature study in DMSO to be successful special care needs 
to taken to avoid deprotonation of the solvent by means of the hydride (or alkoxide) that 
was added; only the minimal amount of the hydride necessary to obtain the Y+L‘ species 
must be added to both the sample and the reference cells under extremely diy conditions.
A theoretical study of the spectral variations that take place because of rotation 
around the vinyl bridge needs to be done; the data obtained (oscillator force, etc.) may 
help to probe whether the 400 nm absorption band -or the 325 nm band- observed in
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use of the NNDO method may give better results for a conformational study of HL and 
L' than do CNDO methods. CNDO underestimates the decrease of charge redis­
tribution between the two n subsystems because of distortion about the essential single 
bond in conjugated molecules. The NNDO formalism gives at least qualitatively correct 
descriptions of the conformational behavior of conjugated compounds.103
Solvent effect studies on the fluorescence emission maxima and on its band 
shape for the HL and Y+L" species are proposed. In low polarity solvents a different 
strength of the metal nitrogen bond is expected; information with respect to the excited 
state stability of the Y+L' species could be obtained. Variable temperature studies of the 
fluorescence emission and quantum yields may give information about the position that 
the metal occupies in the lowest singlet excited state in these species; for example 
a strong dependence of the emission maxima with the nature of Y +, i. e. when the 
solvent is THF at 273 K, may show that the metal-nitrogen bond has strengthened in 
the excited state. If this is the case the determination of their lifetimes would give 
excellent evidence for the strength of the metal-nitrogen bond or molecular rigidity; is is 
believed that this bond is stronger in the species Li+L\
A solvent effect on the band maxima position, shape, and half width of the 
emission band of the HL species will be done. In DMSO the shape and position of this 
emission resembles that of the Y+L' species; this result was interpreted by assuming that 
this emission arises from a L' type species; it is believed that if this species being greatly 
stabilized by means of a solvent such as DMSO (i.e. if the special solvating properties of 
DMSO constitute the driving force for the formation of the hypothetical H+L' species 
from the 7i* state of HL) it would have different emission properties in, for example, 
n -hexane.
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The set of photophysical processes proposed to explain the emission of the 
system HL/DMSO could be verified by real time pump-probe experiments with laser 
excitation. For example, the transient absorption of the hypothetical H+L'species could 
be obtained by two step laser excitation spectroscopy; this method requires a knowledge 
of the lifetimes of the first singlet excited states of the HL and H+L' species. After narrow 
band laser excitation, HL would experience a vibrational redistribution that will form 
the H+L‘ species in its first singlet excited state, this species will fluoresce to decay to 
its singlet ground state; if between vibrational redistribution from the Franck Condon 
vibrational level in HLSj and emission from there is a period of time of t
seconds, this time will be selected as the minimum delay between the pump and 
probe laser excitations ( excitation of HL could be accomplished by means of a fixed 
frequency nitrogen laser while an excimer laser can be used as a probe; a plot of the 
energy of the probe laser against absorbance yields the transient absorption spectrum 
of H+L ). If there is a transient absorption with spectral features similar to those 
of the emission of HL (a  mirror image relationship), the Scheme 11 would have been 
verified. Another experiment could be a study the emission properties of an HL/DMSO 
solution that is 0.1 Min LiCl; if reaction between H +L" and L i+ is faster than emission 
from H+L‘ then the spectral features of the emission will be those of L i+L ; however, 
this could only be true if the lifetime of H+L‘ is long enough to allow reaction with Li+. 
Further information about the proposed set of reactions can be available from the 
excitation spectrum of a DMSO solution of HL by means of narrow band laser excitation; 
this experiment may probe whether an excited state process such as HLS j w srs^^S j 
because the emission spectrum fromHLSi must be different from theH+LSj emission 
(the success of this experiment requires that the excited state reaction be dependent on 
the vibrational excitation within HLS j ; i. e. that there is a potential energy barrier within 
Sj for the reaction to proceed).
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Solvent effects on the proton NMR would yield interesting results. Table 4 
shows that there are clear differences in the band maxima position among the species 
Y+L' and the protonated form. These differences may arise from different degrees of 
charge delocalization within L‘ because the L'«-»Y+ interaction is expected to be solvent 
dependent This type of study may give information about a possible correlation 
between the proton NMR peak positions and the visible absorption band maxima in 
various solvents. Some experimental problems need to be solved; for example, there 
needs to be designed an NMR tube that will allow contact between the solution and 
the hydride such that during spinning of the tube the solution will still be clear (because 
in solvents such as THF excess solid hydride is necessary to maintain the L‘species 
in solution). Low temperature XHNMR studies of the systems Y+L' in solvents such 
as THF could be difficult; it was been found that the species that gives the yellow color 
to a HL/THF-KH(excess) (presumably from the K+L‘ species) precipitates within 24 hrs. 
from a -lO^M  solution kept at room temperature-the solution loses its yellow color 
to become colorless while a light pale yellow solid forms on top of the excess hydride.
Calculation of the total electron densities and bond orders in HL can be carried 
out by means of the CNDO-S method. The data can be used to rationalize the tentative 
assignment of the 13C NMR resonances presented.
A high resolution NOE difference NMR study (at least 400 MHz) would be 
helpful to study the equilibrium K+L' + Na+ ^  Na+L‘ + K+. Under these circumstances, 
the vinyl signals of both Na+L‘ and K+L‘ would be resolvable; then, the vinyl proton 
resonance in each species could be selectively irradiated. In the XH-XH NOE difference 
study the interaction between the vinyl proton and all three 3,3' methyl protons was 
measured because this group is expected to be rotating. However, a carbon
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13 proton NMR NOE difference study would give more precise information for an 
estimate of the proximity between the 3,3'-CHg carbons to the vinyl proton.
A study of the FT-IR spectra of the HL and Y+L" species in the 300-400 cm 1 
energy region would allow one to look for the metal-anion stretching vibration; the 
presence of this vibration in Y+L' will confirm that these species are sigma type 
complexes; the energy of these vibrations would be related to the strength of the 
coordinate bond.
4 .4 .3 . The Copper Complex
The following experiments involving the CuL2 complex are proposed:
a) A study of the FT-IR spectrum of both [2]CuL2 and [1JCuL2 in DMSO. The species 
[1]CuL2 can be synthesized by mixing DMSO solutions of CuAc2 (dry CuC^ can also 
be used) and HL in a 1:1 molar ratio. Different degrees of conjugation are expected to 
exists between these two species and this feature will be observed in the energy of the 
skeletal stretching vibration. For a better characterization the metal ligand bands in the 
300-400 cm 1 region can be compared, b) It was found that imidazole destroys the [21CuL2 
species. A kinetic study of this reaction and that of the reaction between imidazole and 
[1]CuL2 is proposed (the effect of imidazole on the spectrum of the [11CuL2 species was not 
studied). If the [1]CuL2 species has a geometry closer to tetrahedral its reaction with 
imidazole would probably be slower, c) The excitation spectrum of each copper species 
can give additional information. Fillingim found that emission from l2,CuL2 can be 
obtained only by exciting the low energy band of its visible absorption spectrum.49 
If the [21CuL2 species is a single molecule its excitation spectrum must be different from 
that of the mCuL2 species; however, if the l21CuL2 species represents an equilibrium
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between two different copper forms -one of which (the one that absorbs at 518 nm) 
fluoresces- its excitation spectrum would probably will be the same as that of the [1]CuL2 
form (this coclusion can be true only if one of these geometrical forms is the one 
responsible of the single absorption peak in [1]CuL2).
4.4.4. Interaction Between HL and BF3
Complexes between a dipyrromethene derivative and BF3 to produce a 
species such as L:BF2 (in which L  is a dipyrromethene derivative) have been reported 
in the literature.11,15 For example, the visible absorption maximum of 3,3'- 5,5' 
tetramethyldipyrromethene-BF2 has been reported at 509 nm while its emission 
maximum has been observed at 517 nm at room temperature.15 In this investigation 
there was an attempt to obtain the product from the interaction between HL and BF3. 
The visible absorption spectra of HL solutions in which an excess of BF3 (CH^CH^O 
was added were recorded; in ethyl ether, t -BuOH, acetonitrile, and DMSO, the band 
maxima were found at 482,481,483, and 486 nm respectively. These maxima are closer 
to those of the H^L* species rather than to that of any deprotonated form. The same 
spectroscopic result was found when BF3 (CHjCH^Q was added to a DMSO solution 
of K+L‘ and to a DMSO solution CuL2. In addition, the *H NMR chemical shifts are shifted 
downfield from those of the protons in HL in a magnitude similar to that in f^L*. All these 
observations imply that the reaction product must probably be a species such as HL:BF3 
instead of BF2:L. Since BF3did not react with L (from a K+L /DMSO solution) to produce 
BF2:Lit is believed that formation of this stable chelate is not a driving force for breaking 
one of the boron-fluorine bonds; no change in the spectrum of a K+L /DMSO solution 





Since no information about either one of these species (HL:BF3 or L:BF3; in 
which L is hexamethyldipyrromethene) has ever been reported it will be interesting to 
probe which one of them has been formed. A quantitative 19F NMR experiment is 
proposed; in this experiment a standard such as CCLjF will be present in an exactly 
known concentration; the 19F NMR spectrum of a BF3 (CH3CH2)20  /DMSO solution 
will be determined first in the presence of this standard; in a second experiment the 19F 
NMR of a solution containing known concentrations of HL, the standard, and 
BF3 (CHjCHj )20  will be recorded and the area of the I9F resonances from the standard
will be compared with the area of the 19F NMR resonances in the reaction product.
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6. APPENDICES
6.1. Summary of the Equations Used for the Spectrophotometric 
Determination of Equilibrium Constants
6 .1 .1 . Reaction Between TCNE and HL
The absorbance of the HL/TCNE species that is observed at 486 nm is given
by:
A486 =  A i l  +  \  ( 1)
in which A ^  and Ax represent the absorbance of the HL species and the absorbance 
of the reaction product x (the L[TCNE- H+] species), respectively, at 486 nm. The use 
of Beer's law (the cell's length was 1.001 cm) in (1) gives:
A486 =  EhlQhl +  BxC, (2)
= EhJ[C£l - C j + E*C, (3)
C°L and Cx denote the concentration of HL and x in the equilibrium and C °L is the initial 
concentration of HL; and ^  are the molar absorptivities of HL and x , respectively, 
at 486 nm. From equations (2) and (3) the expressions (4) and (5) are obtained:
-  - ^  (4)
AH. = (CS,. -
Ex Me* - Eh .
CX = - 4 ^  (5)
Eil
Equation (4) can be used to calculate the concentration of HL that did not react with 
TCNE. Moreover, the TCNE concentration in the equilibrium can be defined as:
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Ora* -  C r e t e  ~ Q, (6)
Data from Figure 4 and the molar absorptivities of HL ([8.6 0.3] 103) and of 
the reaction product x ([8.5 0.07] 104) -at 486 nm- give the necessary information to be
used in equations (4), (5), and (6) to determine the equilibrium constant:
^  =  (<£. - Q )(C toe - Q ) (7>
6.1.1.L Error Analysis in the Determination of the Stoichiometry of the 
Reaction: HL +TCNE
The following equation was used in the evaluation of determinate errors:
in which F is a magnitude to be determined from evaluation of the X quantities; each of 
these X. quantities has a dX. determinate error associated with them. For example, in 
the measurement of the concentration of the HL/CH2C12 solution a reproducibility of 
3x10 5 g was found; 1.31xl03 g of HL were weighed to prepare 50.0 nil of a CH2C12 
solution. By using these data, the concentration of this solution is (1.15 0.027)xl0'4 M 
( the errors in the preparation of the solutions were discussed in Section 2.6). To prepare 
a stock solution for a continuous variation study (Job method) that will have 
absorbances in the range 0.1-0.9 (when 1.0 cm cells are used) 10 ml of this solution were 
diluted to 50.0 ml to obtain a (2.3±0.07)xl0 s M solution.
In equation (1) Ax denotes the absorbance of the HL/TCNE species; by
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combining equations (1), (2), and (5) one can obtain:
A, -  (A «  - (9)
in which Ax represents the absorbance of the HL/TCNE species. Note that 
represents the initial concentration of HL for each HL-TCNE mixture. By using equation 
8 one can evaluate an expression to determine the error associated to the determination of 
Ax. By writing \  = PQ (P and Q represent the quantities in brackets in (9) respectively) 
this error is given by:
In these equations delta values corresponds to experimental errors; the errors 
in the molar absorptivities were determined independently.2 The corrections to the 
absorbance data that are within the mole fraction range 0.6 <. 0.9 were carried out
by means of equation (9). A plot of X ,.^  against absorbance of the complex HL/ 
TCNE was displayed in Figure 4. Table 10 contains corrections to the absorbance of HL/ 
TCNE only in those cases for which > X j.^  because when X1IL < X j,^  hexameth- 
yldipyrromethene has reacted completely (Table 10 also includes the initial concentra­
tions of HL for each HL-TCNE mixture). This feature implies that the validity of the
(10)
in which the magnitudes APand AQ are defined by:
(11)
(12)
Xhl AX A4g6 0.01
0.1 (2.310.1) xlO*6 0.17010.01 0.170
0.2 (4.610.2) xlO* 0.375 ±0.01 0.375
0.3 (6.9 ±0.2) xlO-6 0.605 1  0.01 0.605
0.4 (9.2 ± 0.3) xlO-6 0.760 1 0.01 0.760
0.5 (1.2 ± 0.04) xlO5 0.85010.01 0.850
0.6 (1.410.05) xlO5 0.83510.004 0.870
0.7 (1.6 ± 0.05) xlO5 0.664 1  0.002 0.735
0.8 (1.8 ± 0.06) xlO'5 0.43510.01 0.550
0.9 (2.1 ± 0.07) xlO'5 0.19110.003 0.350
TABLE 10.
Absorbance data used to obtain the stoichiometry of the reaction 
between HL and TCNE.
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procedure can be tested.by comparing the molar absorptivities of the HL/TCNE complex 
by using the first four and the last four absorbance/mole fraction data set from Table 10. 
Figure 57 represents a least square fit of the data for which Xj.CNE £  0.4; these data have 
been corrected to eliminate the absorbance contribution from the unreacted HL species.
1.000 = -3.0X103 + 8.3739X104C. r2 = 0.997TCNE
y  0.800
E f i*  0.600f eo
y  0.400
§
g  0.200 
§
0.000
0.0 0.2 0.4 0.6 as 1.0
CONCENTRATION OF HL/TCNE xlO 5(M)
FIGURE 57. Calibration curve for the determination of the molar 
absorptivity of the complex HL/TCNE. The total concentration of each 
solution was (2.3 0.07)10'5 M  and the data were obtained from spectra 
of dichloromethane solutions that were at room temperature. The data 
were taken from Table 10.
Moreover, a similar plot in which the data from Table 10 for which Xj.CNÊ  0.6 were 
used is shown in Figure 58. In this case the HL species has completely reacted because 
of the excess acceptor and a tentative error of 0.01 has been considered so that no further 
















be 5% the error in thepreparation of the solutions for spectra that will not be corrected is 
only ~3%). The good agreement between the curves drawn in in Figures 57 and 58 clearly 
shows that HL reacts with TCNE to form a HL/TCNE product that has a 1:1





0.0 0.2 0.4 0.8 1.0
CONCENTRATION OF HL xlO5 (M)
FIGURE 58. Calibration curve for the determination of the molar 
absorptivity of the complex HL/TCNE. Data were taken from Table 10.
stoichiometry;the molar absorptivity can be considered to be 8 . 5 X 1 0 4. In conclusion, this 
error analysis again demonstrate that HL and TCNE react in a well defined 1 :1  molar 
proportion to form a complex represented as HL/TCNE.
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6 .1 .2 . Reaction of Deprotonation of HL
The following reaction was used for an estimate of this equilibrium constant:
HL + CHjONa ^  Na*L + CH 3 OH (13)
The procedure to obtain the expression for the equilibrium constant in terms of 
measurable quantities is analogous as for the reaction between HL and TCNE. The 
equilibrium constant for reaction (13) is:
C 2Km = ------------
k" (£ * .- C j f c ^  - C j (M)
in which C is given by:
Cx = Cm+l- = (15)
6n?l' ‘
The molar absorptivities for Na+L‘ and HL in equation (15) are those at 490 nm (8330 and
1.12x10s respectively). Absorbance data were obained from various spectra such as those 
shown in Figure 11.
6.1.3. Cation Exchange Reaction Na+L + Li+ =#* Li+L + Na+
The expression for the equilibrium this constant is:
v  Cx
'  (C&a- Cj(cLc- Cj <16)
in which Cx is given by:
C* = CU.L- = 4 aL .:J> n < frL - (17)
tLi*L- " CM+L"
Absorbance data to calculate the equilibrium constant was obtained from 
spectra as those shown in Figure 12. The error corresponds to an average of a few 
calculations.
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